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Preface 


This textbook has emerged from the lectures on chemical kinet- 
ics given by the author for more than 15 years for chemistry stu- 
dents at the Moscow State University as part of a general course 
in physical chemistry. Much space in the book is devoted to the 
fundamental concepts and therefore it may serve as an elementary 
textbook. On the other hand, the book provides a more detailed 
treatment of some theoretical problems than is found in ordinary 
courses of physical chemistry. Thus, the section dealing with uni- 
molecular reactions has been considerably augmented; an example 
is a detailed account of the Slater theory. 

Furthermore, the author has found it useful to supplement the 
treatment of the various aspects of the theory of the activated 
complex (transition-state theory) with concrete examples of the 
application of this theory to bimolecular reactions involving com- 
plexes of various configurations, the results of calculations being 
compared with the theory of activated collisions. This information 
must be helptul in applying the theory of kinetics in practical 
work. The exposition of the principles of transition-state theory is 
preceded by Chapter 5 which is devoted to the foundations of sta- 
tistical thermodynamics. The experience of teaching physical chem- 
istry at the Chemistry Department has shown that this chapter 
may be self-contained in a study of the fundamentals of thermo- 
dynamics. 

Separate chapters arc concerned with the kinetics of photochem- 
ical reactions and reactions taking place in electrical discharges. 
The inclusion of these topics may evidently be partly explained by 
the author’s personal tastes and the trend of his work in the corres- 
ponding fields of chemical kinetics. 

Reactions in solutions and homogeneous catalysis in solutions 
are treated in Chapter 12. Here much attention is paid to the theo- 
ry of intermediates and, in particular, to the classical works of 
E. I. Shpitalsky, a Professor of Moscow University. 

The author has deliberately avoided expounding heterogeneous 
catalysis, an area so wide that it would have increased the size of 
the book three times at least, among other things. 


6 Preface 


The book is intended both for a beginning student ot chemical 
kinetics at chemistry and chemical-engineering higher schools and 
for a more thorough study of the subject. It may be found useful 
bv post-graduates and also by all those who wish to study chemi- 
cal kinetics. 

In preparing this second edition [I have taken into account all 
the comments made by my colleagues; also, all the misprints have 
been corrected and I have included a new section devoted to meth- 
ods of meastrrement of reaction rates and of determination of 
reaction order and also chapters on the kinetics of topochemical 
processes. 

In conclusion, the author extends his sincere thanks to 
FE. A. Rubtsova and V. M. Belova who have been kind enough to 
offer their help in preparing this manuscript. 


E. N. Yeremin 
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CHAPTER I! 


Basic Concepts 


and Empirical 
Relationships 


Physical chemistry is concerned with study of chemical systems 
(i.e., systems in which chemical reactions take place) main!y 
from the standpoint of thermodynamics and kinetics. The fhers:o- 
dynamic treatment based on the study of the energelic properties 
of a system and its entropy aliows one to determine the possible 
final result of a chemical interaction. Very often the conclusion 
made as to the possibilily of a reaction does not mean that the 
chemical reaction of interest to us will really be accomplished 
under given conditions. For exainple, a thermodynamic study wt 
the system 

C (graphite) — >» C (diamond) 


that is, the transfurmation of one crystalline modification of 
carbon (¢raphite) into another modification, diamond, shows that 
under ordinary conditions (298.15 Ik and | atni) graphite is more 
stable than diamond, i.e., that there exists the following inequality 
of the chemical potentials: 


fA < Mian (| I) 


sera prt 
and there must occur a spontaneous transformation of diamond 
into graphite. We know, however, that this is not the case in 
actuality. Such a contradiction between theoretical inferences and 
practical observations is associated with the limitledness of the 
thermodynamic method which is concerned only with the initial 
(graphite) and final (diamond) states of the syste. Indeed, unser 
ordinary conditions the molar free energy of graphite is lower 
than the free eneryy of diamond. These energy relations may ue 
explained grapnhicaily (Vig. 1.1). 

- The point, however, is that the real process of recrystallization, 
i.e., the conversion of a crystal lattice cf the diamond type into 
that of the graphite type involves of necessity certain intermediate 
steps. The formation of intermediate structures, which originally 
constituted the distorted lattice of diamond, is associated wiih 
the consumption of encrgy amounting to G%*. Therefore, the actual 
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change of the energy during the course of the process will be de- 
picted by a curve with a maximum. The height of the maximum 
as compared with the energy of the original configuration (dia- 
mond), AG*, may be called the free energy of activation. 

In other words, the thermodynamically possible transition of 
the system from the initial to the final state requires that a cer- 
tain energy barrier be overcome, a barrier that hinders the real 
occurrence of the process, especially at low temperatures. At 
higher temperatures, the atoms in the crystal lattice move more 
rapidly and have more energy, and therefore the attainment of 

the intermediate configu: 


G Me CMP SALGLE ; 
Mies ° ration—the passage over 


omen ow ase Oe ee ae Ny —_= cu ee oO ~™ owe oD 


Cravhile 


Fig. 1.1. Changes in the Gibbs free energy 

during the transformation of diamond to 

graphite at 298.15 K and | atm (an arbitrary 
scale). 


the energy barrier—is |a- 
cilitated. Indeed, at sulil- 
ciently higher temperatu- 
res diamond turns sponta- 
neously into graphite. 
From the foregoing it 
must be clear that ther- 
modynamics, which docs 
not deal with interme- 
diate states and is con- 
cerned only with compar- 
ing the initial and = final 


states, can provide no information about the actual feasibility of 
a thermodynaniically possible process. 

Returning to the thermodynamic method of investigation, it is 
possible to find conditions for tne equilibrium coexistence «i 
graphite and diamond; they are known to be characterized by the 
equality of the chemical potentials: 


Horaph — Bdiain (1.2) 


At a temperature of 298.15 K (according to an approximate cal- 
culation), it will suffice to compress graphite up to 15,000 atm. 
Beginning from this point, the spontaneous transformation of 
graphite into diamond becomes possible. But even at higher 
pressures when 


Leraph > Hdiam (1.3) 


the process does not take place at all or proceeds at such a slow 
rate that it is practically impossible to detect the appearance olf 
the diamond structure. The cause of this lies in the same difficulty 
of surmounting the energy barrier at low temperatures. Recrys- 
tallization proceeds easily at high temperatures, of the order of 
2000 K, but under these conditions the inequality (1.3) necessary 
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for the formation of diamond requires a considerably higher pres- 
Sure (more than 45,000 atm). 

Thus, thermodynamics makes it possible to judge, on the basis 
of the energetic properties of a system and its entropy, about the 
possible final outcome of a chemical interaction, about the state 
of equilibrium. But it furnishes no information on the time period 
required for this result to be attained. 

The time factor, a very important quantity in practice, is left 
out of an ordinary thermodynamic treatment. On the other hand, 
the occurrence of processes in time is the concern of the thermo- 
dynamics of non-equilibrium processes (see Chapter 14). 

Many examples could be cited, in which thermodynamically 
possible processes do not practically occur because of negligibly 
low rates. Thus, the reaction between hydrogen and oxygen 


2H. + Oo —_—_> 2H2O 
is accompanied by a great loss of free energy: 
AG5og = —109.0 kcal 


At room temperature the equilibrium shifts almost completely to 
the side of formation of water. It is known, however, that the oxy- 
hydrogen gas may stand for an indefinite period of time without 
the noticeable formation of water. The point here again is a high 
energy barrier, the necessity to consume a high amount of energy 
for the intermediate states to be formed. But as soon as a catalyst 
(sponge platinum) is introduced into the oxyhydrogen gas, the 
reaction will occur with a very high velocity, with an explosion. 

It is therefore clear that the study of chemical systems from 
a thermodynamic standpoint alone is insufficient. No less impor- 
tant is their study from the viewpoint of the rates of processes, 
from the standpoint of kinetics, which is thus of great practical 
importance since it determines the feasibility of various chemical 
reactions, the fundamental possibility of which has been estab- 
lished thermodynamically. 

Secondly, kinetics is of great theoretical importance since it 
allows one to get a decper insight into the mechanism of reac- 
tions, i.e., fo determine, more or Icss reliably, the intermediate reac- 
tion steps on the way to the end product. Thus, the study of ki- 
netics of the formation of water shows that in the first stages 
there appear free atoms and radicals which are chemically highly 
active and readily enter into further conversions: 

(1) the appearance of a free hydroxyl group: 

Ho + O, —_—> 20H 
(2) the dissociation of the hydrogen molecules upon collision 


with a particle: 
Ho+M — H+H-+M 
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(3) the formation of ozone and an oxygen atom: 


Oo + Op — O;+0O0 


All these processes require a large quantity of energy (for 
example, for the dissociation of H» to take place, 103.5 kcal/mole 
of He is required); the occurrence of these processes generates 
the reaction. This energy is consumed on surmounting the main 
energy barrier. 

The activated particles formed in stages (1), (2) and (3) inter- 
act with bond-saturated molecules. These are the processes that 
continue and accelerate the reaction: 


(3) O+H, —>» OH+H 


Finally, an important part is played by processes in which the 
active particles perish, as a result of which the reaction may he 
brought to completion without an explosion. 

A distinction is made between the processes in which atoms 
and radicals are destroyed at the walls of the reaction vessel: 


(4) f+ H+ wall — He.-+ wall 
(5) OH + H+ wall — H.O-+ wall 


and those in which they are destroyed in the bulk: 


(6) i+0.+-M — HO.+M 


The last equation should be considered in more detail. It de- 
scribes the reaction during the course of a triple collision, i.e., a 
collision of three particles (also called a ternary or three-body col- 
lision): a hydrogen atom, an oxygen molecule and a third particie 
(a molecule), the participation of which is necessary for the sta- 
bilization of the newly formed molecule—the radical HOs, bv 
way of removal of the energy. 

It is interesting that the formation of the free radical HO», was 
originally postulated with the purpose of explaining some of the 
observed specific features of the oxidation of hydrogen. The activ- 
ity of the particle HO2 was assumed to be low since only in iso- 
lated cases does it continue the reaction; its formation mainly 
implies the removal of a considerably more active particle—the 
hydrogen atom. The formation and existence of the free radical 
HO. was later confirmed by direct experimental observations. 
Thus, the discovery of the radical HO2g was made as if at the tip 
of the pen. 
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1.1. Basic Concepts and Definitions 


Let us first define the rate of a reaction. The rate of a reaction 
in gas mixtures and in liquid solutions is defined as the rate of 
change of the amount of one of the reactants or products per unit 
volume per unit time. The change of the quantity of a given sub- 
stance in the system per unit time may be expressed by the deriv- 
ative dN/dt, where N is the number of moles of the substance 
and ¢ is the time. If we denote the volume of the system by YV, 
then the instantaneous (true) rate * will be defined by the follow- 
ing relation: 

(1.4) 


V dt 
In this expression the plus sign applies to products since their 
concentration increases with time; the minus sign is used for 
reactants because their concentration decreases with increasing 
time. Thus, the rate of reaction is always positive. Expression (1.4) 
is a strict definition of the reaction rate, which is applicable in 
a general case and for a system of variable volume. A simpler 
equation, however, is often used, which is suitable for a reaction 
in a system of constant volume. Since the ratio N/V =, ic, is 
equal to the concentration of the substance (its molarity), then 
at constant volume 

w=+(4 ~), (1.5) 


In this, simpler definition the reaction rate (at constant volunic) 
is the change of the concentration of a given reactant or product 
in unit time. Equation (1.5) is evidently applicable to reactions 
in solutions without substantial reservations, it also applies to 
reactions involving gases provided that they take place in closed 
reaction vessels. With the volume being kept constant, expression 
(1.5) can be even more simplified: 


= + — 1. 
W@W = + rT (1.6) 
It is necessary to note that if the reaction taking place ina system 
involves several substances, for example, A, B, D, ..., E, F, 


that is, 
I 
VA -+ vB -+ v3D + ... > viE + v,F + a 
Ci Co Ce cy Co 
(where c,s are the reactant concentrations at various elapsed 


times), then for the reaction rate to be determined unambiguously 
it will suffice to trace out the change in concentration of one of 
the reactants. The changes in the concentrations of the other 


* In contrast to the so-called average rate. 
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reactants can always be found from the ratios of the stoichio- 
metric coelficients v,. 

Thus, for example, the rate for the reactant A 
ac 
dt 
is related to the rates with respect to the other reactants by the 
equation: 


w= — 


w= — ee =, (17) 


1.2. The Basic Law of Kinetics. 
Effect of Concentration on Reaction Rate 


If the temperature of the system is maintained constant, then 
the rate of reaction is determined by the concentrations of the 
substances making up the system. In the first place, one should 
speak of the concentrations of the reactants in a given reaction. 
However, the concentrations of the reaction products often has 
a bearing on the rate as well: if they accelerate the reaction, the 
term autocatalysis is used, and if the products slow down the 
reaction, the use of the term autoinhibition is justified. If the reac- 
tion rate is influenced by a substance (or a body) which is pre- 
sent in the system in an unchanged amount and which is not 
a direct participant in the reaction, then such a substance or body 
is called a catalyst. 

A mathematical formula that relates the reaction rate to the 
concentrations is termed the rate equation or the kinetic equa- 
tion. It is very important to note that in a general case the form 
of the kinetic equation cannot be predicted on the basis of the 
stoichiometric equation of the reaction. Thus, the reactions of 
hydrogen with iodine and bromine vapours are expressed by 
means of the same stoichiometric equations, but the kinetic equa- 
tions used for them are quite different: 


forH.+ I, =2HI eal 
ke ci 
for H. + Bro = 2HBr HBr Ho" Bre 
dt b? CuBr 
+ C 


Brg 


The difference in the rate equations is accounted for by the differ- 
ence in the reaction mechanisms. 

The basic law of kinetics (the Law of Mass Action) follows 
irom a large body of experimental data and expresses the depen- 
dence of the reaction rate on concentration: 
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The rate of any reaction is at each instant proportional to the 
product of the concentrations of the reactants, with each concen- 
tration raised to a power equal to the number of molecules of 
each species participating in the process. 

If the empirical equation of the reaction is written in the follow- 
ing form: 

V,A + V2B + v3D — products 


then the mathematical formulation of the basic law may be pre- 
sented in the form: 
dcp 


= = ROK CRCH «+e (1.8) 


1 


In this equation, the proportionality factor k& is, as a matter of 
fact, independent of the concentrations; it is quite different for 
different reactions and is strongly dependent on temperature. The 
proportionality factor k is called the rate constant. The physical 
meaning of the rate constant can easily be found if we set ca = 


= Ca = Cp = |. Then 
WY == h 


that is, Rk is numerically equal to the reaction rate at concentra- 
tions of the reactants equal to unity. In this connection, Rk is also 
called the specific rate (or specific velocity) of reaction. For reac- 
tions that obey equations of this type, the concept of kinetic order 
or simply order of reaction, n, may be introduced. By «definition 


n=p+qtrc ... 


that is, by the order of a chemical reaction is meant the sum of 
all the exponents to which the concentrations in the rate equation 
are raised. In studying kinetics, reactions are usually classified 
according to the order of reaction. The following cases are the 
simplest ones: ; 

C 


(1) n= 0 ——— = ko zero order 


(2) n=1—- MC he first order 


dt 
dc 
(3) n=2———-=hk,,c’ 
dt 7 second order 
= Rr C Co 
dc 
(4) n= 3 — = Rye 
= kiyyeres third order 
=k 


111646 2%3 
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The overall kinetic order higher than the third order is not practi- 
cally encountered. Any exponent taken separately is called the 
reaction order with respect to a given substance. 

Sometimes, the conditions under which a reaction is taking 
place are such that the concentration of one reactant or the con- 
centrations of two or more reactants remain constant or nearly 
constant. Then the corresponding concentration factors can be 
lumped into a constant and the apparent reaction order decreases. 
In such cases, we speak of a reaction of the pseudo nth order, 
where n is now the sum of the exponents to which the variable 
concentrations are raised. Typical examples are catalytic reactions 
in which the concentration of the catalyst is constant; reactions 
in buffer solutions in which the hydrogen ion concentration is 
kept nearly constant; and also cases where one reacting substance 
is present in a large excess. 

As an example may be cited the reaction of inversion of cane 
sugar (saccharose or sucrose): 


+ 


CyoFle20 1, + HO —_Y 2C kl 2O¢ 


which is speeded up by strong acids (hydrogen ions). The rate 
equation for this reaction 


di “sug © H,O°H* 


indicates that the reaction is third order. But the concentration of 
the catalyst, hydrogen ions, does not alter during the course of 
the reaction, and the concentration of water in aqueous solution 
is high as compared with the concentrations of the other sub- 
stances. Only the concentration of the sugar varies, i.e., the reaction 
is found to be pseudo-first order. 

The exponents p, g, r... are usually positive integers, but 
there are cases where they may be fractional and even negative. 
The appearance of such complications is accounted for by a more 
or less complicated mechanism of the reaction. 

In the old literature, and sometimes in the current literature, 
first-order, second-order and third-order reactions are called, re- 
spectively, unimolecular, bimolecular, and termolecular reactions. 
But these terms must not be confused since the second series of 
terms characterize the molecularity of a reaclion—the number of 
molecules that participate in an elementary reaction step. Male- 
cularity is thus a theoretical quantity which is introduced after 
a detailed study of kinetics when there is ground for judging 
about the reaction mechanism. The numerical value of molecu- 
larity assigned to a given reaction may vary with the appearance 
of more precise experimental data. A certain difficulty in distin- 
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guishing between the purely empirical quantity, order of reac- 
tion, and the molecularity probably consists in that unimolecular, 
bimolecular and termolecular reactions are at the same time first- 
order, second-order and third-order reactions, as will be shown at 
a later time, but the invcer:¢ conclusion may prove quite erroneous. 

In general, the theorelical concept of molecularity may be used 
only in the case of simple elementary reactions, i.e., when there 
is sufficient ground for regarding the reaction as proceeding in 
a single elementary act. Such elementary reactions include, for 
example, the decomposition of azomethane: 


CH3N : NCH; —_—> CoH, + No 


The elementary act involves one molecule—the reaction is uni- 
molecular. If two molecules are involved in a single act 


Cl+H, — HC!I+H 
He+I!I, — 2iil 


then such reactions are called bimolecular reactions. Accordingly, 
in a termolecular reaction, three particles (molecules) participate 
in one elementary act. For example, the reaction of recombination 
of atoms into molecules is termolecular: 


H+H+M —> H+M 


Here M, a third particle, may be, in a particular case, a hydrogen 
molecule or any other particle. As will be shown at a later time, 
it is precisely in the case of such clementary reactions that the 
numerical values of molecularity and kinetic order of reaction 
coincide. Thus, the reaction 


H-+H+H, — He+ He 


is a termolecular and third-order reaction simultaneously. 

The majority of reactions that the chemist has to deal with are 
however not simple, though sometimes they might seem to he 
simple. For instance, the thermal decomposition of dichlorocthane 


vapour 
CH2CI—CH,Cl — >» CHCI=CH), + HCl 


leading to the formation of vinyl chloride and hydrogen chluride 
may be thought, by analysis, to be a simple reaction. A prelimi- 
nary study of the kinetics of the reaction points to first order, i.e., 
the kinetic equation has the form: 

dc 

-—-= Ric 

where c is the concentration of dichloroethane. But this reaction 
however cannot be called unimolecular since a more detailed 
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study of the kinetics shows that its mechanism is complicated. The 
reaction proceeds in several stages, including the formation of 
free atoms anid radicals: 

(1) CoHiClp —» CoH,Cl-+ C! 

(2) Cl+ CoHiCle —> CoH3Cl, + HCI 

(3) CoH3Clp —» CoH3C! + Cl 

(4) CoHyCl + Cl — > C.H,Cle 


The first and third steps in this mechanism are unimolecular, and 
the second and fourth steps are bimolecular. Evidently, we cannot 
speak of the molecularity of the decomposition of dichloroethane 
as a whole. At the same time, we may speak of its experimental 
kinetic first order, 


CHAPTER 2 


Application 

of the Basic Law 
of Kinetics 

to Simple Reactions 


2.1. First-Order Reactions 


If we write the equation for a generalized chemical reaction, 
we shall assume that only one substance A®* enters into a first- 
order reaction: 

vA — v,E + v,B 


We shall express the concentration of the substance A in moles 
per litre. Let the concentration of A be equal to a at the start of 
the reaction (¢ = 0); after the lapse of time ¢ it decreases to a — x. 
Hence, x expresses the decrease of the concentration. The rate con- 
stant is denoted by the symbol &;. Then at time ¢ the rate will 
be equal to 


— —|;_ FT =f (a — x) (2.1) 


Now we separate the variables and integrate between limits 
from 0 to ¢ and from 0 to x: 


Xx t 
| oe | dt (2.2) 
a—xX 
0 
We obtain 
Q 
In ——— = ky (2.3) 
or 
2.303 a 
— 9 
Ry t | a— x (2.4) 


¢ 


Using the integrated formula (2.4), we can check up whether the 
reaction under consideration is first order. For this to be done, we 
determine experimentally the decrease in the concentration at 
different times: 

= (Q, th, to, fs, cece 


x=0, 4X1, Xo, ¥3,.. 


* As pointed out above, this is not necessarily the case if the concentrations 
of the other participants remain constant. 
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and, using Equation (2.4), we calculate the values of k for va- 
rious times ¢. If we obtain identical values of A; within the exper- 
imental error, then the quantity k; may be considered a constant 
and the reaction under study, a first-order reaction. But if 2, does 
not remain constant, other assumptions should be made concern- 
ing the order of the reaction. 
The integrated formula (2.4) is often written in a different 
form: 
—Rrt 
Qa—- xXx — ae 


(2.5) 
or 


a=al(i—e"') (2.6) 


In this connection, mention is often made of the exponential de. 
pendence of the concentration of the reacting substance on time. 
These relationships were derived for the first time in 1850 by 
Wilhelmy, who measured the rate of conversion of an acidic solu- 
tion of sucrose into glucose and fructose before the formulation 
of the basic law of kinetics (the Law of Mass Action) by 
C. M. Guldberg and P. Waage (1864). 

Certain conclusions must be made at this point. First, from the 
formulas obtained it follows that the dimensions of the first-order 
rate constant correspond to the reciprocal time (¢-') and it may 
be expressed in reciprocal seconds, minutes, hours, etc. 

Second, since the concentrations are included in the formulas, 
say, (2.4), in the form of a ratio, evidently it is immaterial in 
what units they are expressed: the value of the rate constant will 
not change. It also follows from the dimensions of k;—it does 
not contain the concentration. Instead of the concentration, use 
may be made of the total number of molecules NV. Then Equations 
(2.4) and (2.5) will assume the following forms, respectively: 


N 
In => =hyf (2.7) 


and 
N=N,e | (2.8) 


Further, it is important that in first-order reactions to identical 
time intervals there correspond identical fractions of the sub- 
stance that has reacted.* The term half-life period (or simply hali- 
life) is most often introduced, ie., the time required for one-half 
of the reactant to iindergo reaction or the time taken for 50% 
reaction to occur. Counting the time from the start of the reaction, 
we assume that x = ('/,)a. Then, according to Equation (2.4), we 
get the following relation: 


_ . In2 (614 
In2=Rk) (fi), OF (Ta) = — 


hk = ky (2.9) 


. ee ee oe 


2.1. First-Order Reactions 93 


which allows us to find the half-life (Ty, )1 of a first-order reaction. 
As seen from the formula, it is determined exclusively by the rate 
constant. 

Figure 2.1 shows the change of the amount (or concentration) 
of the substance which reacts by first order. Here the time is 
expressed in units of the half-life period. 

As can be seen from the formulas obtained and from Fig. 2.1, 
the substance reacts completely only for an infinitely large period 
of time. 

Now we introduce another, very important concept, the average 
lifetime, t, of the molecules of a substance which reacts by first- 
order kinetics. At time / 
when N molecules are pre- 
sent in the system, the rate 
of the reaction is equal to 


dN 
——_=hN 
dt | (2.10) 


Or —dN=k,Nadt 
Obviously, —dN is the de- 
crease in the number of mo- hive 


lecules for the time period | r 
from ¢t to t+ dt and dN is Fig. 2.1. he course of a first-order re- 
action — formula (2.5). 

equal to the number of mole- The time f is exp | in units of the half-life 7 

. is expressed in units of the half-iife 71, 
cules that have survived Up The difference (@a—x) is the concentration of Re 
to time ¢ and decomposed reactant. 
during the subsequent innh- 
nitely short time period df. Multiplying — dN by f¢, we find the 
total lifetime of these molecules. If we replace simultaneously V 
on the right-hand side of the equation by its value from Equation 
(2.8), we will obtain: 

—tdN=k,N,te'' at (2.11) 


All the molecules will react for an infinitely large time period, 
and therefore the total lifetime of all the molecules taken initially 
can be found by integrating the right-hand side of expression 
(2.11) from 0 to oo. Dividing the integral by the total number of 
molecules, we shall finally determine the average lifetime: 


—h,t 
] 
kN, \ fe dt 


= 0 _ —kit (2.12) 
t= Nc = RY le dt 
7 


(2.13) 
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Thus, the average lifetime is equal to the reciprocal value of 
the rate constant. Relation (2.13) is very important since it 
allows us to get a deeper insight into the physical significance of 
the rate constant of a first-order reaction. At a later time (see 
Chapter 8), the relation between t and A; will be used in expound- 
ing one of the theories of chemical kinetics. 

Let us now consider some examples of first-order reactions. One 
example is the thermal decomposition of gaseous acetone at 
904°C. According to analysis, 
acetone decomposes in the fol- 
lowing manner: 


CH,COCH; (gas) —> 
3 —_ > CoH, + CO +- Ha 


Oc © 
NIV 


J Acetone 
vapour 


The kinetics of the reaction 
is studied by the manometric 
method, i.e., the course of the 
reaction is followed by measur- 
ing the pressure in a closed 
vessel (Fig. 2.2, Table 2.1). 

The pressure values in the 

Fig. 2.2. Apparatus for conductin reaction vessel given in Table 
the decomposition of acetone: 2.1 are measured by means of 
i—reaction vessel; 2— furnace; 3— manometer, a pressure gauge at times in- 
dicated in the first column of 

the table. From Table 2.1 it is seen that during the course of 
the reaction the pressure increases almost by three times. This 
corresponds to the stoichiometric equation given above. The ratio 
of the numbers of moles of acetone in the system are calculated 


from the formula 
No ___2Ps 


N 3Py)—P 
which is easily derived on the basis of the Avogadro law. 

The rate constants calculated on the assumption of first order 
exhibit satisfactory constancy. Therefore, the assumption of first 
order may be considered to have been confirmed. From the aver- 
age rate constant there are determined other kinetic characteri- 
stics of the reaction, namely, the average lifetime of acetone mole- 
cules at 504 °C: 


— == 2344 sec ~ 39 min 
l 


and also the half-life period: 
(Ty) = 0.693T = 1580 sec = 26 min 20 sec 


True unimolecular or, better, monatomic, mononuclear first-order 
processes include all the numerous transformations of radioactive 
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TABLE 2.1. Kinetics of the Thermal Decomposition of Acetone at 504°C 


Time from start Pressure in reaction No I= —_ log - 
of experiment, sec vessel, mm Hg N ot 
sec” X<I0! 

0 312 l 

390 408 1.181 4.26 

777 488 1.392 4.27 

1195 562 1.666 4.26 

3155 779 3.960 4.30 

931 


The average value of k,=4.27x10—* sec 


substances. These processes are known to be studied by a special 
branch of chemistry—radiochemistry; they differ from ordinary 
chemical reactions by their rate being independent of temperature 
and other effects used in the chemical laboratory. Thus, for exam- 
ple, radon undergoes a-decay, forming the so-called radium A, 
one of the isotopes of the Group VI element polonium: 


22 4 2 


The rate of the process is characterized by the following values 
of the constants: kj =2.1 &K 10~-® sec7!; t=5.5 days, Ty, =3.8 days. 

Other radioactive substances disintegrate at velocities differing 
by many orders of magnitude. Some data are given in Table 2.2. 


TABLE 2.2. The Kinetic Characteristics of the Decay of Some 
Radioactive Substances 


Substance Ry sec! T 1/2 
Uranium ............. 4.9107 °° 4.510" years 
Radium ..........0.-.. 1.37107" 1590 years 
Radium C’ .........204 6.710! 1.5X10—* see 


Certain physical processes are also described by first-order 
equations. One example is the spontaneous radiation of electroni- 
cally excited atoms and molecules. Some pertinent data are pre- 
sented in Chapter 10 (Table 10.3) in connection with the discus- 
sion of the kinetics of photochemical reactions. 

In general, the electronically excited states of atoms and mole- 
cules have quite different average lifetimes. States with relatively 
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large t values, of the order of 10-° to 10-* sec, are called meta- 
Stable. 

‘ classical example of first-order reactions is the reaction of 
inversion of cane sugar (a biose) which is decomposed in aqueous 
solution in the presence of acids into two isomeric monoses— 
fructose and glucose: 


+ 


H3 
C 12H220)1, + H2O > 2C.5H 120, 


The rate equation for this reaction is known to be the following: 
d 
_ Csug =k, 


dt Csug 


where Csug iS the concentration of cane sugar (sucrose). Evidently, 
this equation is first order since, though the reaction also involves 
water and hydrogen ions, their concentrations remain unchanged 
(H30+ ions serve as the catalyst and water is present in a very 
large excess). Both these constant concentrations may be regarded 
as being incorporated into the constant A. 

The inversion of sucrose is convenient for studying kinetics 
Since, first, it proceeds at temperatures close to room temperature 
and, second, in the course of this reaction the angle of rotation of 
the plane of polarization is changed. Sucrose rotates the plane of 
polarization to the right, and the mixtures of monoses to the left. 
A solution of.sucrose is placed in a polarimeter tube and the 
course of the reaction can be followed without interrupting the 
reaction. The concentrations are calculated by using the propor- 
tional relation between the angle of rotation and the concentration 
of the rotating substance. 

The hydrolysis of esters, say, ethyl acetate, in aqueous solution 
in the presence of strong acids 


11,0° 
CH,COOC,H; + H,O ——> CH;COOH'-+ C,H;OH 


is also characterized by first-order kinetics. Since one of the pro- 
ducts is an acid, the course of the reaction can be conveniently 
followed by taking samples of the solution and titrating them 
with alkali. 

Some interesting specific features (to be discussed at a later 
time) are displayed by another first-order reaction—the decompo- 
sition of nitrogen pentoxide in the gas phase: 


l 
N2eOs — > NeO, + oy Or 


This reaction preceeds at the same velocities in various solvents 
as well. 
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2.2. Second-Order Reactions 


Second-order reactions are rather numerous. Such are, for 
example, the reactions of formation and decomposition of hydrogen 
iodide: 

H, + Io. (vapeur) — > ill (I) 
QHI —> Hy-++ Ie (vapour) (IT) 


These reactions have been thoroughly studied and the theory of 
active collisions, which is one of the theories of chemical kinetics, 
was first applied to these reactions. 

Examples of second-order reactions are a number of hydrolytic 
reactions in alkaline solutions, in particular, the saponification of 
ethyl acetate in aqueous solution: 


The decomposition of nitrogen dioxide 
2NO, — 2NO+ QO, 


and usually the reactions of dimerization proceed as second-order 
reactions; an example is the dimerization of cyclopentadiene: 


CH. 
°HC~” SCH 
|] —e CoH 
C—— C 
| | 
H H 


The reactions mentioned above are ordinary chemical reactions; 
these reactions can be followed directly by using relatively simple 
methods of chemical analysis. Second-order reactions, however, 
include numerous bimolecular reactions involving atoms and free 
radicals. A study of the rates of such reactions presents an 
incomparably more formidable experimental task and is one of the 
latest achievements. As examples may be cited some rcactions 
with the participation of free hydrogen and oxygen atoms: 


H+ Bro — HBr+Br 
H+ HBr — H.+ Br 
H+ He (para) —> He (ortho) +H 
O-+H, — OH-+H 
These are so-called clementary reactions which make up, in many 
cases, the “mechanisms” of complex chemical transformations. 
They will be discussed later in the text. 
Let us now consider second-order reactions from the standpoint 


of the basic law of kinetics. We shall first examine a simple case 
where either one single substance reacts by second-order kinetics, 
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reaction (II), or two substances entering into reaction in egui- 
valent amounts, reaction (I), are present at egual concentrations. 
In these cases the rate is determined by one concentration. If we 
denote the reaction rate as a—x, where a is the initial concen- 
tration, we obtain a differential rate equation: 


= oe EET Sy (a — x)? (2.14) 


Here &,,; is the second-order rate constant. Separating the varia- 
bles and integrating, we obtain: 


l | 
a—x — TS Ry (2.15) 
or 
xX 
Tana = kit (2.16) 
and also 
x= okt (2.17) 
1+ akRyyt 


These are formulas that express, for second-order reactions, the 
dependence of the concentration of the reacting substance on time. 

Certain conclusions should be made at this point. From rela- 
tions (2.15) through (2.17) it follows that the dimensions of the 
second-order rate constant are more complex than those of the 
first-order constant: 


[Ar] = leo") (2.18) 


that is, apart from time, it also includes the reciprocal concentra- 
tion. If the concentration is expressed in moles per litre, then 


in = [litre -mole!. time |] 


Thus, the numerical value of the rate constant depends on the 
choice of concentration units also. 

The application of the concept of the half-life, which is quite 
clear for first-order reactions, is somewhat complicated in reac- 
tions of higher orders. The simplest examples are those in which 
one substance reacts by second-order kinetics or two substances 
are present at equal concentrations. For more complicated condi- 
tions we may use the concept of half-life (half-conversion) period 
with respect to any one substance. 

Let us consider the simplest case. Substituting the value of 
x = "Joa into formula (2.15), we obtain: 


I 
(Ty) = Ge (2.19) 
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Hence, for second-order reactions the half-life depends not only 
on the rate constant; it is also inversely proportional to the first 
power of the initial concentration. The dependence of 71, on a 
forms the basis of one of the methods of determining the reaction 
order. 

Let us examine how to calculate the kinetics of a second-order 
reaction, using as an example the saponification of ethyl acetate 
with alkali in aqueous solution [reaction (II])] at 20.5°C. In 
a vessel placed in a thermostat, the ethyl acetate and alkali solu- 
tions that have been kept in the thermostat are mixed so that the 
concentrations of the substances in the mixture are equal. For 
example, 

A = Coster = alkalj = 9.02 mole/litre 


The moment of mixing is regarded as the beginning of the reac- 
tion and the time zero. Then, at certain intervals, samples are 
taken and subjected to titration with acid, the concentration of 
the alkali left (and of the ester) being determined. The results 
are presented in Table 2.3. 


TABLE 2.3. The Kinetics of the Saponification of Ethy! Acetate 
with Alkali at 20.5°C 


a 2.3 


Time when sample] Cester=Calkali= ky = R lo 
ester “alkali — I 6a (a—x)' I= [| 198 Gx 
Is Faken fy Sec a—x, mole/litre x 10? litresmole—! «sec—! seo! x tot ° 

0 2.00 — — 

300 1.280 0.094 14.9 

1380 0.540 0.090 9.3 

3300 0.289 0.090 9.8 

7200 0.138 0.095 3.7 


—!. 


The average value of Ry {s 127X107? sev 


The values of Ai; given in Table 2.3 have been calculated by 
formula (2.16). As secn, Ay exhibits quite satisfactory constancy: 
the observed variations do not exceed the limits of the experimen- 
tal error and the main point is that there is no systematic varia- 
tion of the constant or, as is often said, of its course. The second 
order may then be considered to have been confirmed. The values 
of the first-order rate constant, ki, are given for comparison. As 
can be seen, &; decreases systematically as the reaction proceeds. 
This is of course quite understandable since instead of the second- 


order equation 
dx 


a= Ri, (a— x)* (2.20) 
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we used the first-order equation: 


<= = [Rr (a — x)] (a—x)=k, (a — x) (2.21) 
that is, the decreasing concentration of the reactant is found to 
have been incorporated into the quantity &y,. 

Generally, the systematic decrease of the rate constant is a sign 
of the underestimation of the supposed order and vice versa. 

Let us consider the application of the basic law of kinetics to 
a second-order reaction written in the most general form: 


viA + vB — products 


The differential equation for the reaction rate has the following 
form in this particular case: 


acy 
y= — = RC aCp (2.22) 


Further, for the integration to be carried out, it is necessary to 
establish the relation between the concentrations cx, and cp. If we 
let a and 6 be the initial concentrations of A and B, respectively, 
and x the decrease in concentration of A by time ¢, then cg = a— ¢ 
and dc, = —dx, and cg = 6b —(v2/v;)x. Thus, Equation (2.22) 
becomes 

AC dx 


_ A St _ 9 ) 9 
w= — =k, (a x) (6 > 2 (2,23) 


Separating the variables, we obtain: 


dx 


(a— x) (6-2 ) 


For integration to be performed, we decompose the fraction on the 
left-hand side of Equation (2.21) into partial fractions, using the 
coefficients m; and q» to be determined: 


=k, dl (2.24) 


Va 
| 0: O _ ui (> — 7 ) +92 (a—2) 


(a — x) (6—% x) a b — 72 x (a— x) (o-~ x) 
Vy} V1 V1 


It is obvious that the numerator of the last fraction is identical 
with unity: 
o (6-2) +2 (a— =I (2.95) 


Since equality (2.25) must be satisfied at any value of x, we de- 
termine the coefficients @; and g2 by substituting into equality 
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rl 


(2.25) the quantities (vi/ve)b and a separately instead of x. Thus, 
I 


Q, = — and 22> 
b—— a a—— 4 
V1 V2 
Hence, 
| ax 
2 
(a—x)(o x) 
=| l | 4. | I de = 
b——2a a * a——-b b——x 
t Vi 
an 
V9 2 
=k, ¢-+ const =— In(a— x) — In (v-2 x) = 
Il Vo v1 
b— b 
V1 V2 
V1 a—x 
Vvoa — vib h — 2 
V1 


The integration constant is found from the initial condition « = 0 
at ¢ = Q, i.e., 
VI a 


const = ———————_ In — 
Vo — vb b 


Finally we arrive at the integrated formula for the general case 
of a second-order reaction: 


in Rit (2.26) 
wey iN !!Uf aN TT ; 
v2a — V1) a (> - = x) 


A simpler and frequently encountered variant of this formula 
is obtained if the stoichiometric coefficients are equal, i.e., v; = vo: 
I b (a — x) 

a—b '" a(b—x) 


= Rif (2.27) 


The dimensions of Ay in expressions (2.26) and (2.27) are of 
course the same as in a simpler case, i.e., [c~'f-']. 

The concept of the hall-life period (better, the half-conversion 
period) may be employed in these cases only with respect to one 
of the reacting substances. Thus, substituting x = ('/,)a into 
Equation (2.26), we get 

Vi v0 
Ri, (Vo@ — V,5) In 2v,b6 — va 


Py (A) = (2.28) 


the half-life for substance A, which depends on both initial con- 
centrations. 
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It should be noted that Equations (2.26) and (2.27) are inappli- 
cable with the stoichiometric ratio of the initial concentrations, 
i.e, when a/b = v,/vo; as can easily be seen, in this case the 
equations turn into indeterminate forms which must be evaluated. 
Considering Equation (2.27) as the ratio of two functions, we 
replace it by the ratio of the derivatives of 6 at constant a and x: 


a(b— x) a(b—x)(a—x)—b(a—x)a 
b (a — x) a’ (b — x)? 
— | 


Passing over to the limit 6 > a, we obtain, as should be expected, 


the following relation: 


I | =} 


Le t 
a—x a I 


which has been found earlier for the simplest dependence of the 
rate on the square of one concentration. 

Let us consider formula (2.27) from another aspect. Suppose 
that the initial concentration of one of the reactants is much high- 
er than the concentration of the other, say b > a. Then the small 
values of a and x may be neglected as compared to b. Thus, we 
obtain the equation: 


In = [2,6] =kyf (2.29) 


a—- x 
in which the large (and practically constant) concentration 0b is 
incorporated into the constant &;. It is obvious that Equation 
(2.29) formally coincides completely with the first-order equation 
considered earlier. Such pseudo-first-order reactions are encoun- 
tered rather frequently. Especially typical are reactions where the 
second reagent is a solvent. In this category are included the 
above-mentioned hydrolysis of ethyl acetate in aqueous solution in 
the presence of acid and the inversion of sucrose. 


2.3. Third-Order Reactions 


We shall consider third-order reactions from the viewpoint of 
the basic law of kinetics. From the mathematical standpoint, the 
simplest case is one where three substances that react in equiva- 
lent amounts are all present initially at equal concentrations in 


the system: 
A+B+C — products 


The initial concentrations ca = Ca = Cc =a, and the concentra- 
tions at any time are equal to a— x. The rate of the reaction will 


be written thus: 


d 
w = = hy) (a — x) (2.30) 
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Integrating gives the following formula: 


| | | tae 
— J —OeO Opt (2.31 
? (a — X)° a Il 


which expresses the dependence of the concentration on time. The 
dimensions of the third-order rate constant are clear from the re- 
lations written above: 

[erp] = let] (2.52) 


In particular, if the concentration is expressed in moles per litre, 
we obtain the dimensions (litre?-mole-?-time—!). Thus, the numer- 
ical value of Ay; is, to an even larger extent than 1, dependent 
on the choice of concentration units. 

If we continue using the term half-life period, then x =('/s)a 
should be substituted into Equation (2.31): 


1 ( 4 
oy wa — =} =i (yi 
Thus, the half-life is given by 
3 


(f),) = Dak (2.33) 


Since reactions of higher order than the third are practically 
not encountered, we may at this point sum up the dependence of 
T,, on the initial concentration. This is done in Table 2.4 which 
also contains n-order reactions. 


TABLE 2.4. The Dimensions of the Rate Constants and the Half-Life 
Periods for Reactions of Various Orders 


Dimensions ot the rate 


Reaction order constant Ti/2 
t~ In 2/ky 
2 an a L/egkit 
3 a a 3/2coR TTI 
n cain) got (2? '—1)/(n— leg "kn 


It will be recalled that for reactions of higher order than the 
first, expressions for 7y, are of limited importance. They are de- 
rived for a case where the substances reacting in equivalent 
amounts are initially present at equal concentrations. 

Let us consider some examples of third-order reactions. There 
are a few such reactions among ordinary gas reactions and almost 
all of them involve nitric oxide. They include an important indus- 
trial reaction of oxidation of nitric oxide with oxygen, one of 


2—91 
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the stages of preparation of nitric acid: 
2NO + Og — 2NO>, 
This reaction is second order in NO and first order in Oz: 


dexo, 


2 D2, 
iT = Rrexofo, (2.34) 


We shal! examine this reaction in more detail in connection 
with its anomalous dependence on the rate and temperature. 
Whereas for the vast majority of reactions the rate constants in- 
crease with rise of temperature *, kj, for the oxidation of nitric 
oxide decreases, as can be seen from Table 2.5. 


TABLE 2.5. The Dependence of the Rate Constant of the Oxidation 
of Nitric Oxide on Temperature 


t, “Cc Rip litre?» mole ?-sec—/-1073 t, °C Rr litre?- mole7 ?«sec—!.1073 
—-45 10.1 140 4.0 
+27 7.1 291 2.8 


One of the explanations for the anomaly in question consists 
in assuming that this reaction proceeds in two consecutive steps: 


I. 2NO = NO» fast 
II. NoO2+ O02 = 2NO, slow 


The first step is a fast, reversible and exothermic reaction. The 
concentration of the dimer N»,O» corresponds to the thermal equi- 
librium and it can be determined by means of the equilibriuin 
constant: 


K, = N22 (2.35) 
CNO 
The slow consumption of the dimer at the second stage does not 
practically alter its equilibrium concentration. But since reaction 
I is exothermic, the equilibrium constant and, hence, the concen- 
tration of the dimer, falls off with temperature. 

For the observed reaction rate to be calculated, it is necessary 
to introduce an important and sufficiently self-evident rule stating 
that the overall rate of any process consisting of a number of con- 
secutive steps is determined by the rate of the slowest step. In 
this particular case, the slow step is the second step. Hence, the 


* The dependence k = f(T) will be considered in detail in Chapter 4. 
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observed rate will be expressed by the equation 


dCno, _ 
df. “IEE N202° Oo 


in which the concentration of the dimer may be replaced by using 
relation (2.35): 


dno, 


2 9 
dt Rik Nolo, = RMIENOCO2 (2.36) 


In the last equation the product RkiAe is designated by fy. 
Expression (2.36) functionally coincides completely with the expe- 
rimentally found kinetic equation (2.34). If now remains to as- 
sume only that the decrease of K,;, i.e., the equilibrium constant of 
an exothermic reaction, with temperature covers the possible in- 
crease of 2; and this leads to a decrease of their product, i.e., Ayr. 
Such is one of the possible explanations for the decrease of the 
rate constant for the oxidation of nitric oxide with rise of tem- 
perature. 

Third-order reactions include also the reactions of formation 
of nitrosyl chloride and bromide, which are similar to the previous 


reaction: 
2NO + Cle — 2NOC!] 


and 
2NO + Brg — 2NOLr 


There are more third-order reactions in solutions than in gases. 
We shall limit ourselves to only one example, the reduction of 
ferric chloride with stannous chloride: 


2FeCls; +- SnClo a al 2FeClo +- SnCl, 


Of special interest are numerous termolecular processes of recoim- 
bination of atoms and simple radicals into molecules, which are 
also third-order reactions. The point is that reactions of the type 


do not practically take place upon collision of two atoms, i.e., by 
a bimolecular mechanism. To illustrate, we shall consider the 
dependence of the potential energy of a diatomic molecule on the 
distance between the atoms, which is expressed by a curve obtained 
experimentally from spectroscopic data (Fig. 2.3). Curves of this 
type are approximately described by the Morse empirical equa- 
tion: 

u=D,|1—e 7) F (2.37) 


where D, is the dissociation energy counted off from the minimum 
of the curve; a is a constant; r is the interatomic distance in the 


2* 
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moiecule, and re is the distance corresponding to the minimum of 
potential energy. 

At this point and hereafter it is useful to draw a certain me- 
chanical analogy: the interconversions of kinetic and potential 
energies in a vibrating molecule may be visualized as the conver- 
sion of the energy of an imaginary heavy particle sliding in a 
gravitational field without friction along the trough simulating 
the profile of the potential energy curve. Thus, if the particle js 

raised to height U, (this cor- 

U0} em responds to a decrease of the 
interatomic distance in the 
molecule down to r,), then, 
while sliding down the curve, it 
will move at an ever increasing 
velocity. The greatest kinetic 
energy is assumed by the par- 
ticle at the minimum point of 
the curve. This energy will 
then be converted into the po- 
tential energy when the particle 
ascends the opposite portion of 
the curve up to the original 
height U, (position 2). This is 
Fig, 2.3. The potential energy ol a followed by the backward move- 
molecule versus the internuclear ment. It is clear that in the 

distance. ; | ; aks 

The quantities D, and D are the “spectro- Case under consideration | the 
scopic’ and chemical energies of dissociae Patlicle will perform periodic 
Hon, motion from position Jf to po- 
sition 2. This corresponds to 
the periodic change of the interatomic distance in the molecule 
between r; and r,;, ic. to the vibrating motion of atoms, which 
results from the initial compression of the molecule to 7, say, upon 
collision with another molecule. But upon a stronger collision the 
molecule may be found to have been compressed to the distance 
tr, ie, the representative particle may be tound to have been 
raised to the height U», which is greater than the limiting value 
D,.. In this case the particle, having passed the minimum, may 
move at some velocity along the right-hand horizontal branch to 
any distance. The motion will no longer be periodic. The molecule 

compressed to the distance rp will split into two free atoms. 

Now we shall examine the process of a bimolecular collision 
between two atoms. Suppose that a particle being in position 5 
moves at a certain velocity to the side of decreasing r. Obviously, 
such a particle, having passed the minimum, will rise up the 
steep portion of the curve to a height greater than D., and in 
backward miolion it will again come back to the horizontal portion 
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of the curve, corresponding to free, non-interacting atoms. Thus, 
upon a bimolecular collision the quasi-molecule formed has an 
energy greater than the dissociation limit D, and therefore breaks 
down instantly. 

In order to pass into a stable state with an energy lower than 
D., the quasi-molecitle must evidently lose part of the energy of 
the relative molion of its atoms. How can this happen? First, the 
energy of the relative notion of the atoms in the molecule cannot 
turn, say, into che translational energy of motion of the molecule 
as a whole. This would violate the principle of conservation of 
momentuin. Hence, this route to stabilization is excluded. 


Hi+H — H+hv 


Theoretical calculations, however, show the low probability of 
the molecule being stabilized in this way, especially during the 
formation of molecules having no dipole moment (i.e. such as 
the H» molecule). 

Thus, the bimolecular formation of diatomic molecules does not 
practically occur. It is realized in a ternary collision, for example, 


Ht+H+M —> Ih+M 


where M is a third particle (a molecule or atom), the nature of 
which is not quite immaterial for the effectiveness of the given 
collision, The part played by the particle M is obvious — it carries 
away the excess energy that makes the molecule unstable. As 
shown by the kinetic theory of gases (see Chapter 6), the num- 
ber of ternary collisions per unit volume per unit time is propor- 
tional to the product of the concentrations of the colliding parti- 
cles. The rate of the reaction is also proportional to this product. 
As a matter of fact, as experiment shows, the rate with which the 
concentration of atoms diminishes is expressed by the equation: 


ery 


dt 


9 .. 
= Ripper (2.38) 


that is, this reaction is a third-order reaction. 
The recombination of other atoms and simple radicals vecurs in 
an analogous manner *: 
O+tO+M —> 04M 
OH+ OH+M —>+ H.0,+M 
CH+ CH+M —> CoH.--M 


and so on. 


* Further in the text the arrow above M, which indicates an eergy incre- 
ment for this particle, will be om.tted. 
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It should however be noted that the more complex the radical, 
the greater is the probability of a bimolecular recombination: it 
is even significant for the CHg3 radicals: 


H-C+C-H —> GH, 
HY SH 


This is evidently explained by the fact that in complex molecu- 
les not only the atoms between which a bond is formed may vib- 
rate but many other types of vibrating motion are also possible. 
It is for this reason that there appears the possibility of sell-sta- 
bilization by way of energy redistribution within the molecule — 
its removal in this case from the C—C bond to the C—H bonds. 
The recombination of more complex radicals, say, ethyl radicals, 


CoH; + Cols —_—> CF yo 


is practically bimolecular. 

In conclusion, let us consider the application of the basic kine- 
tic law to a more complicated case of third-order reactions: three 
substances react in equivalent amounts but are present at differ- 
ent initial concentrations. If we write the reaction in a general 


form: 
A+B+C —~ D+Ee... 


and denote the initial concentrations by a, 6, and c, and the con- 
centrations at various elapsed times by (a—vx), (B— x), and 
(c — x), we shall obtain a differential rate equation: 

ax 


ap (a — x) (b — x) (c — x) (2.39) 


This equation is easily integrated by decomposing the fraction 
into three partial fractions. The result may be written thus: 


| a b—c b C—a c a—O 
‘if b)lbo olen) mn} (4) (==) (—) 


2.4. Methods of Measurement of Reaction Rates 
and of Determination of Reaction Order 


In accordance with the definition (Sec. 1.2), the determination 
of the reaction rate (or velocity) boils down to determining the 
dependence of the concentration of the substance on time. This 
task is solved with the aid of methods of quantitative analysis 
most suitable for a given concrete case. 

The analytical methods used in kinetics may be classified into 
two categories—chemical and physical. Chemical analysis makes 
it possible to determine directly the concentration of one of the 
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reacting substances or reaction products (see Table 2.3). The 
difficulty in the use of chemical analysis is associated with the 
necessity of the results being quickly compared with the reaction 
under study. If this is impossible because of the procedure being 
too slow, the reaction has to be stopped (it is “trozen”) by sharply 
changing one of the reaction conditions—the temperature is 
lowered, the catalyst is removed, an inhibitor is added, etc. Chem- 
ical methods of analysis have the advantage of providing absolute 
values of concentration. 

Physical methods of analysis are usually more convenient than 
chemical methods: a physical property of the reaction mixture 
that undergoes change during the course of the reaction is mea- 
sured. Obviously, there must be a substantial difference in the 
contributions to the measured property of the reactants and pro- 
ducts. Among physical methods the following may be mentioned: 
methods associated with pressure measurements in gaseous reac- 
tions (see Table 2.1); dilatometry, i.e., the measurement of the 
change in the volume produced by reaction; optical methods such 
as polarimetry, refractometry, and also colorimetry. E!cctrical 
methods of analysis (electroanalysis) are also employed: conducti- 
metry, potentiometry, polarography, and mass spectroscopy. Theo- 
retically, any property that undergoes sufficient change may be 
used to follow the course of the reaction. Much less frequently 
used are such physical methods as measurement of heat conduc- 
tivity, freezing point, viscosity (for polymerization reactions), and 
also of the reaction heat. 

An advantage of physical methods is, as a rule, their rapidity. 
They also make it possible to obtain a larger number of experi- 
mental points in a given time interval. The measurements can 
often be performed directly in the reaction vessel, so that sampl- 
ing and the errors that arise during this procedure are excluded. 
Ordinarily, a physical meastirement has no effect on the state of 
the system. Also, continuous automatic recording of the changes 
of a property can often be employed. Physical methods, however, 
do not yield absolute values of concentration. Besides, there may 
arise errors associated with the reaction itsell. For example, in 
‘a spectroscopic study, small amounts of strongly coloured conta- 
minants or by-products may distort the picture considerably. There- 
fore, not one but a combination of several methods should be 
used for a complete study of a reaction. This is especially desir- 
able when the stoichiometry of the reaction ts to be tested. 

The Relation Between Physical Properties and Concentrations. 
As known, one o/] the requirements put forth to a physical proper- 
ty taken as a criterion of the extent of reaction consists in that 
its values must be substantialiy different for reactants and pro- 
ducts. Another requirement to this property is that it must be 
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associated in some simple manner with the concentrations of tne 
reactants and products. The most convenient in this sense is a li- 
near relationship belween physical properties and concentration, 
say, between the concentration, on the one hand, and the electr- 
cal conductivity, optical density, rolation of the plane of polari- 
zation and the pressure of gases, on the other. In dilute solutions, 
many other phvsical properties are also linearly dependent on 
concentration: specific volume, refractive index, vapour pressure, 
fluidity, etc. These linear relationships are however olten vio- 
lated when attempts are mace to apply them to a very wide range 
of concentrations. Caution must be exercised in such cases. 

There can be derived a general equation relating the physical 
property being measured to the concentration for a case of their 
linear relationship. Let us consider a reaction in a general form: 


ViA+veB+v3C — vwF 2.40) 


where F includes all the products. Let 4 be the value of the phy- 
sical property at time f: 


A= Avedium + Aa + ABH hot hp (2.41) 


where the first term on the right-hand side of the equation is 
the contribution of the medium, and the remaining ones depend 
on the concentrations; for example, 


Ay =k, [A] (2.42) 


k, being the proportionality factor. 

Now let the initial concentrations of the substances be a, b, and 
c, and x the number of equivalents that have reacted in time f. 
Then 


A= A medium + Ra (4 — V,%) + p(B — Vox) + Re (€ — ¥5x) + Rev’ x (2.43) 


and 
Xo = Anedium 7 Rypa t+ kyb + Ree (2.44) 
and also 


i= Amedium + Rp (5 — v,a/V)) + Ro (C _ v,a/V)) + (kev a/v) (2.45) 


oo 


where Ao and Aw are the initial and final values of the property A. 
In deriving Equation (2.45) it is assumed that substance A has 
been taken in a limited amount and is absent from the final sys- 
tem. Subtracting Equation (2.44) from Equation (2.45), we 
obtain: 


(2.46) 


/ 
Va Voll V3 
hog — Ag = hp So + haa — ba 


— ke 7 
We also subtract (2.44) from (2.43): 


A— Ay = Rpv'x — Rav xX — Rpvax — RovV3x (2.47) 
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Now we can write: 
NA — Ap =X AR, Nog — Xo = (@/V)) Ak 


hog ~ b= (a/v; — x) AR 
where 


From these relations we can obtain formulas useful in kinetics: 


a joke (2.48) 
QQ __ Noo — Ay 
Q—VixX AoA (2.49) 


The variable measured may also be used to express 5 — vox and 
C — V3X: 
b (b/a) (7. 5 — do) 


b— vox (b]a) (hag — ho) — (va/v1) (h — Do) (2.90) 


It is clear that all these formulas simplify considerably when 
use is made of equivalent concentrations of the reactants (when 
b/a = Vo/V1, etc.). 

When the reaction does not go to completion, the data required 
can be obtained by calculations if the equilibrium constant Is 
known. 

One of the most frequently used methods ol studying gas phase 
reactions is the manometric method mentioned earlier (see 
Sec. 2.1) in connection with the decomposition of acetone. Direct 
pressure measurements in the system are possible if the number 
of moles of gascous substances undergoes change during tha 
course of the reaction, as, for example, in the decomposition of 
phosgene: 

COCI!s, = CO -| Cla 


The pressure gauge is also used when the reaction product is 
continuously removed by its absorption or condensation. For in- 
stance, in the reaction 

Hy + Cl, = 2HCI 


hydrogen chloride can be absorbed by water. 

Table 2.6 presents the results of pressure ineasurements for 
the decomposition of fert-bulyl peroxide conducted in a_ static 
system. The reaction yields mainly acetone and ethane: 


(CH;)3COOC(CH3)3 = 2(CH3)2CO + CoH, 
According to this equation, when the reaction is complete, the 


pressure must increase by three times. In actual fact, it increases 
only by 2.88 times because of the formation of other products, 
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TABLE 2.6. The Decomposition of tert-Buty! Peroxide at 154.6 °C" 


——_—see 


, al : é 
Time, press. Pog —P RX104, sec! | Time, spressiire, PoP kX 104, sec! 
0 173.5 318.3 12 244.4 247.4 3.44 
2 187.3 304.5 14 254.5 237.3 3.32 
3 193.4 298.3 3.58 15 259.2 232.9 3.43 
9) 205.3 286.5 3.39 17 268.7 223.1 3.43 
6 211.3 280.5 3.42 18 273.9 217.9 3.60 
8 222.9 268.9 3.00 20 282.0 209.7 3.45 
9 228.6 263.2 3.45 21 286.9 204.9 3.42 
II 239.8 251.9 3.61 ore) 491.8 
Average. .... 3.46 + 0.07 


The constants have been calculated for successive three-:ninute intervals. 


The values of total pressure given in Table 2.6 include also cer- 
tain low partial pressures of nitrogen used when the peroxide is 
introduced into the reaction vessel. Neglecting this, we use formu- 
las (2.48) and (2.49): 


xX P— Po 


Py —P 


a— x 
Poo — Po 


a Poo — Po’ a 


Assuming the decomposition of the peroxide to be first-order, we 
use formula (2.4) in the following form: 


1 l 
t= —~In (Poo — Pa) — = In (Po — P) 


(2.51) 
According to Equation (2.51), if the assumption that the reaction 
is first order is valid, then log (Po — P) must be a linear function 
of time. Figure 2.4 shows that this is actually the case. Besides, 
Table 2.6 lists the values of the first-order rate constants calcu- 
lated for successive three-minute intervals from the formula: 

l P., — P’ 


k= 77" ple 


That the values of & remain constant within the accuracy of the 
experiment and the absence of their systematic “course” are also 
evidence that the reaction is first order. The average value of the 
constant given in Table 2.6 coincides with the value obtained by 
multiplying the slope of the straight line in Fig. 2.4 by 2.303. In 
first-order reactions (and this is their specific feature) the initial 
concentration need not to be known—the value of Po) must not 
necessarily be used in calculations. One may point out that in 
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the experiments used the initial pressure has not been measured 
at all and has been determined by extrapolation to t = 0. A ques- 
tion arises as to the possibility of using the theoretical value of 
Px. (which is equal to 3Po for the decomposition of the peroxide) 
instead of the experimental limiting value of pressure. In the case 
under consideration, this would have given rise to a difference of 
several per cent in the rate constants over the pressure range un- 
der study. It is usually more preferable to use the experimental 
value of Po in calculations it 
only no anomaly is observed or 
experimental errors are unavoi- 
dable. For instance, if the reaction 
does not go to completion because 7 

of the established equilibrium, 24 
this must be taken into account D 

in introducing appropriate cor- ~~ 
rections into the value of Aw. The 2.3 
relatively slow secondary reac- | | 
tions of the products may also lead 0 10 20 in 
to an erroneous value of Ao. In _ 


such a case it is better to use the Fig. 2.4. The straight-line depen- 


theoretical value of P dence proves the first order of the 
“ reaction of decomposition of di- 


We shall now examine a more  ¢e-t-butane peroxide (after Re- 
complicated case of the calcula- leigh, Rast, and Fogan). 
tion of the rate of a gas reaction 
when corrections must be introduced into each pressure measure- 
ment. The condensation of acrolein with 1,3-butadiene leading to 
the formation of tetrahydrobenzaldehyde 


CH, CH; 
HC Te HC“ \CH, 
roe a. ; CHO 

NCH, HY CHO" ¢fi,\p 


has been studied by Kistiakowsky and Lacher at 291.2°C. The 
course of this reaction is complicated by the simultaneous occur- 
rence of a second-order reaction (the dimerization of butadiene): 


2C ,Hs=CsH 2 


Table 2.7 gives the values of the total pressure in the system at 
Various times, beginning from the known initial pressure of acro- 
lein and butadiene. These data were then used to calculate the 
changes in the pressure of acrolein and butadiene for each succes- 
sive time interval. This was done in the following way. First, the 
change in the pressure due to dimerization of butadiene is deter- 
mined approximately: ap 


dim 


— RTP put]? At 
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TABLE 2.7, The Condensation of Acrolein with Butadiene at 291.9‘°¢: 
(pressure in mm Hg) 


Time, sec Ptot | —AP —AP ain Pacr Put fact | Pt | gegen ‘ T Lor 
min 

Q 658.2 6.1 0.2 4138.2 240.0 
63 652.1 10.7 0.3 412.3 233.7 9.6 
18] 641.4 17.3 0.5 401.9 222.7 9.6 
384 624. | 11.9 0.3 385. | 204.9 9,9 
542 612.2 14.1 0.3 373.5 192.7 | 9,7 
745 598.1 11.0 0.3 359.7 178.3 10.0 
925 087.1 {2.2 0.3 349.0 167.0 9.7 
1145 574.9 10.8 0.3 337.1 15-1.5 938 
1374 564. | 11.3 0.2 326 6 143.4 9.3 
1627 592.8 13.4 0.3 315.5 131.9 9,9 
1988 539.4 302.4 113.2 G4 

Average. . age... 970 


ens a AS A, Ts aN 
he 


where Pout is the partial pressure of butadiene at the beginning 
of the given time interval, and &’ is the preliminariiy determined 
rate constant Jor the dimerization. Then APgim is subtracted from 
APtot and this gives the drop in pressure due to the main reae- 


tion. From the stoichiometry of both reactions it follows that 
AP... = AP,., — AP, (2.52) 


Cai fll 
(where APacr is the drop of the partial pressure of acrolein), 
AP ay SAP HAP Gin (2.53) 
so that the pressure values at the end of each time interval can 
be found. These values are also given in Table 2.7. The rate con- 
stants listed in the last column have been calculated on the as- 


sumption of the second order of the main reaction from the uninte- 
grated form of the kinetic equation 


AP 4, —p(P p 25) 
AE e ( acr) ( nut) 2.04 


by using the average values of partial pressures for a given time 
interval. As seen fromm Table 2.7, the second-order rate constant 
exhibits satisfactory constancy and, hence, the assumption of the 
second-order of the reaction under study is justified. The average 
value of the rate constant is 9.7 10-7 mm!-sec7!. Another 
method of kinetic treatment may also be used. We may write an 
integrated formula [sce Equation (2.27)] in the following form 
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for the reaction under study: 


(2.30) 


P vey _ Prout Pout 


and then use the graphic method. Figure 2.5 is a plot of 
log [Pacr/Pout] versus time; its linearity too proves convineiis.y 
the second order o! the reaction (page 43). The slope oi the 
straight line multiplied by 2.3 and divided by (418.2 — 240.0) 
gives k = 10.9 & 10-7 mm-~!-sec—!, i.e, a value somewhat different 
from that given in Table 2.7. The a, 

diflerence between the values of °! 7 

the constants, 10.9 and 9.7, is 

partly due to the dimerization | ys 
reaction, which is included in the “el a 
overall rate when calculated by - 
formula (2.55). On the other “| 

hand, this difference is also due ; 

to the difference arising because a 

of the use of the integrated and Qos | 
unintegrated forms o1 the rate rs rr an res 
equation. Esco 

Let us also consider  sorne | ; . 
examples of the study of reac- hae: 2.9. the strarsitline depen 
. . ence proves the second orde® ol 
tions in solutions. Here, along with the condensation of acrolein wiih 
the chemical method of analysis butadiene (aiter  Kistiakow-sky 
and measurements based on the and Laciter). 
rate of evolution or absorption of 
a gas, three analytical methods are most widely employed: coiv- 
rimetry (or spectrometry), conductimetry, and difatomeiry. We 
shall consider one example for each of these methods. 

If a reaction proceeds with a change in the number or type ol 
ions and is associated with a change in the clectrical resistarie-, 
then the course of the reaction can be followed by measuring tie 
resistance of the solution. Here it is convenient to use an a@-e ai- 
rect-reading bridge and an oscillograph as a null instrument. Pais 
requires that the “temperature be maintained sufficiently constant: 
the temperature is controlled to an accuracy of 0.03° by means of 
ordinary thermostats. There are well-known limitations to the 
application of this method. Thus, the solvent used must heave 
a high dielectric constant and a sufficiently high solvating power. 
Otherwise, the resistance and concentration will not be interrelated 
in a simple manner. 

Since the resistance is inversely proportional to the electrical 
conductance, which in its turn is proportional to concentra‘ion, 
the principal equations to be used for studying kinetics bv 


and 
vl J feee ‘Ven mm ww a & 


46 Ch. 2. Application o] the Basic Law to Simple Reactions 


nleasuring the resistance may be given in the form: 
x 1/R — 1/Ro (Ry — R) R oo 


a 1/l,, — I/ Ro ~ BR (Ry — RR.) (2.90) 
a WR —1/Ry (Rag — Ro) R _ 
@—x  1/R,—1R ~~ Ro (Ra — R) (2.97) 


Table 2.8 contains some data for the reaction of pyridine with 
phenacyl bromide leading to the formation of a quaternary am- 
monium salt, phenacyl-pyridine bromide. 


TABLE 2.8. Phenacyl Bromide and Pyridine in Methanol (temperature 35.0 °C, 
concentration 0.0385 mole/litre) 


Time, min Resistance, —R/(Roo—R) Time, min Resistance, —R/(Roo—R) 
7 45,000 1.019 110 9100 1.186 
23 11,620 1.074 127 4560 1.213 
Od 9200 1.096 153 3958 1.253 
68 7490 1.120 203 3220 1.330 
84 6310 1.145 368 2182 1.980 
99 9037 1.170 ore 801 


k==0,0445 litres mole !-min7! 


The reaction was conducted in methanol solution; since neutral 
molecules form ions, the resistance falls off rapidly as the reaction 


proceeds: 
O O 


| ! + 
CegtH;—C—CH>2Br +- Cs5HsN = CgH;—C—CH»—NCsH; +- Br 


In studying the kinetics, use was made of equal concentrations 
of the reactants (0.0385 mole/litre), in which case the simplest 
kinetic formula (2.15) is applicable on the assumption of second 
order; this formula may be put in the form 


— ar a— x ak (2.58) 
or in terms of resistance: 
I Roo — Ro R [ 
t J ——_—_——  * — ee | eee ¢ 
( ak Ro ) Ros — R ak (2.99) 


According to these equations, if the assumption of the second- 
order of the reaction holds true, 1/(a—x) or R/(R— Ro) must 
be a linear function of time. Figure 2.6 shows that this is actually 
the case, The rate constant is found in this case by dividing the 
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slope of the straight line in Fig. 2.6 by the initial concentration a 
and by the y-intercept equal to Ro/(Ro — Ro). True, in this parti- 
cular case, this relation is very close to unity since Ro, i.e., the 
resistance at the initial moment, is very high. It may also be 
noted that in this case the exact value of Ro is immaterial—one 
can calculate x or (a — x) for any time from the y-intercept and 
the final resistance, using Equations (2.58) and (2.59). 

Further, let us consider, as an example of the spectroscopic 
study of kinetics, the interaction of styrene dichloride with 
ethanol: 


CsH;CH=CH—CHCI, + C,H;0H —> 
—» C,H,—CH—CH=CHCI+HcI1 "°F 


OC.H; 1G 


Styrene chloride contains a doubie i, 
bond conjugated with a benzene ring 
and absorbs strongly in the region 08 - 
of 2600 A, whereas the product am 200 min we 
(1-chloro-3-ethoxy-3-phenyl-!-propyl- | 

ene) does not contain such a con- Fig. 2.6. The second-order reac- 
. , tion between phenacyl bromide 
jugation and does not absorb up to ang pyridine at equal initial 
the region of 2100 A. Accordingly, concentrations of the reactants. 
the measurement of optical density 

at 2600 A as a function of time may serve as a tool in studving 


kinetics. These measurements are conveniently performed with the 


TABLE 2.9. Styrene Chloride in Absolute Ethanol at 22.6 °C 
({[RCI,] = 2.1110-° mole/iitre; [NaQEt] = 0.517 mole/iitre) 


Optical Optica 
Time, min density kX 108, min! : Time, min density , | #X10°, min-! 
D at 2600 A D at 2600 A 
0 0.406 127 0.184 6.0 
10 0.382 6.0 178 0.143 5.8 
31 0.338 5.8 1200 ().01 
74 0.255 6.3 


D = elc, where @ is the molar absorption coefficient and / Is the thickness 90° the 
absorbing layer, and c is the molar conceutration 


aid of a photoelectric spectrophotometer. But in the case of a rel- 
atively slow reaction, samples can be removed from the thermo- 
stated reaction vessel. Table 2.9 gives the data obtained by And- 
rew for the reaction under discussion. The reaction mixture con- 
tained sodium aikoxide, but the rate of the reaction did not 
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depend on its concentration. The rate constant was calculated on 
the assumption of first order from the formula 

2.303 Do 
which is obtained from the following more exact formula: 


2.303 D. — Do 

k= —— lok HD 

since Dx is very small. As seen from Table 2.9, the assumption of 
a first-order reaction is justified. 

The dilatometric method may be employed provided only that 
the reaction is accompanied by a change in volume. According to 
the data obtained by Kilpatrick ef al., the hydration of isobutv!- 
ene to give isobutyl alcohol, which is catalyzed by hydrogen ions, 

CH, CH; 

| HO | 

CH,—C=CH, + H,O ——» CH;C(OH)—CH; 

is acconmipanied by a decrease in volume. The course of this reac- 
tion can be traced by measuring the level of the liquid in the ca- 
pillary connected with a sufficiently large vessel containing the 
reaction mixture. During these measurements the temperature 
must be kept constant to an accuracy of up to a thousandth of 


a deoree. 


(2.61) 


TABLE 2.10. The Hydration of Isobutylene in a Solution 
of Perchloric Acid (f= 25°C: [HCIO,] = 0.3979 mole/litre: [isobutylene] = 
= (1).00483 mole/litre) 


Measure t 1 Meas nt 
Time, min by dilalometer Al re teh Titne, min |by dilatometer At rt 120 
at time f at time t 
0 18.84 13.50 25 16.86 13.12 
5 18.34 13.42 30 16.56 13.05 
10 17.91 13.35 35 16.27 13.00 
ld 17.53 13.27 40 16.60 12.94 
20 17.19 13.19 
fore) 12.16 


Table 2.10 presents two series of measurements of the level in 
the dilatometer expressed in arbitrary units and taken in a two- 
hour interval. Assuming the concentrations of water and hydrogen 
ions to be constant and the reaction to be first order in isobuty]!- 
enc, the authors plotted a graph of log(V—V.) versus time 
(Fig. 2.7). The slope of the straight line when multiplied by 
2.303 gave a first-order rate constant equal to 1.3822 & 10°? min“. 
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Flere we should speak of a pseudo-first-order reaction since it 
involves water and the rate depends on the concentration of the 
acid. It may be added that if the thus observed rate constant is 
divided by the hydrogen-ion concentration, we shall obtain a se- 
cond-order rate constant independent of the concentration of the 
acid (provided that the ionic strength of the solution is kept 
constant). 

From the cxamples presented in this section it may be con- 
cluded that one of the methods of determining the reaction order is 
the substitution of the results of 


| . log (V-Y.,,) 
measurements of any physical vari- py 
able at dificrent times into one of 0.8 | 
the kinetic equations with the pur- 0.6 N | 
pose of obtaining a series of valucs Oe | | 
of the rate constant, exhibiting satis- az a | 
factory constancy (Tables 2.6, 2.7, ¢ Oe, | 
and others). Another method of de- “a4 | | ™~ 
termining the reaction order is the a 
mn 


derivation of an expression linearly 
dependent on time and the calct- Fig 97. The hydration of iso- 
lation of the constant from the slope _ butylene has a pseudo-first order. 
(Figs. 2.4 through 2.7). 

One of the direct methods of determining reaction order is 
based on the study of the dependence of the half-life on the initial 
concentration and is applicable if the kinetic equation has the 
form: 

dx 


—__. = __ 4} 
= =k (a— x) (2.62) 


As is already known (see Tabie 2.4), at nm = 1 the half-life period 


In 2 


Ly, = 


(2.63) 


and for n=l: 
gr-t | 


T,, = —~—______ 
bina natal (2.64) 


Based on these relations, we can represent the dependence of the 
half-life on the initial concentration in the following form: 


Ty, = 1 (1, k)/aa (2.65) 


where f is a certain function of nm and k is the constant for the 
given reaction at constant temperature. Taking logarithms in 
Equation (2.65), we obtain the relation: 


log 7, =log/ — (n — 1) loga (2,66) 
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which indicates that log 7,, must be linearly dependent on the 
logarithms of the initial concentration and the slope of the straight 
line is equal ton — 1. 

A variant of the method may be employed, which is based on 
the use of two quantities, 7), and Ty,, for two values of initial 
concentrations, a and a’. From two expressions of the type (2.66) 
we obtain the following equation for the reaction order: 


(2.67) 


which is suitable for direct calculation of the reaction order from 
the data of two experiments conducted at sufficiently differing 
initial concentrations. For the first 
order, the half-life period does not 
depend on the initial concentra- 
tion, which is illustrated by 
Fig. 2.8. 

Equations (2.63) and (2.67) 
can be generalized if we consider 
the time, 7y, of conversion of a 
fraction y of the starting mate- 
rial. If the concentration § de- 
Fig. 2.8. A graph illustrating that creascs from a to a(I—y), then 
the half-life period is independent Equation (2.66) will assume the 


of the initial concentration for a form: 
first-order reaction. 


log Ty =log/ + (n— 1) loga (2.67a) 

and, generally speaking, the relation between log 7, and loga 

must be linear. A more general expression may also be written 
instead of Equation (2.67): 

n=1-+ 


log Ty — log Ty (2.68) 
log a— loga’ 


We have so far described methods of determining the reaction 
order, which call for two or more experiments with different ini- 
tial concentrations. But, evidently, we can use, in an analogous 
manner, two or more time intervals during the course of a single 
experiment if the reactant concentration at the beginning of each 
time interval is taken as the initial concentration. In Fig. 2.9, fy 
corresponds to a(l —y), and fy corresponds to the concentration 
a(1—y)*. Thus, Tj =t, —/, and Equation (2.68) takes the form: 


log [(fo/t1) — 1] 
log [1/(l — y)] 2.09) 


In Fig. 2.9, to/t; = 3 and y = '/o, so. that 
n= 1-+ log 2/log 2=2 


n==14+ 
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it should be stressed once again that the method under discus- 
sion is applicable only if the kinetic equation has the form (2.62). 
This equation may however be generalized in the following 
fashion. 

Let the kinetic equation be specified in the form: 


aX _ pray? [By]? [c]’ (2.70) 


where [A], [B], and [C] are, respectively, the concentrations of 
the substances A, B, and C. Conditions can in principle be created, 
which will facilitate the determina- 
tion of the reaction order. 

Suppose that the concentrations 
of all the substances, with the 
exception of A, remain constant 
during the course of the reaction, 
in which case the reaction will 
have a pseudo order p. In practice, 
the required constancy of the con- 


centrations of B, C, ... cary be Fig. 2.9. Two successive half-life 
attained by taking a large excess periods for a second-order re- 
of these substances as compared action, fg = 3f). 


with substance A. We can now 
introduce a new constant for the given experiment: 


k=k(B]? [C]’ (2.71) 
Now Equation (2.70) is written in the following forin: 


dx p 
=F TA (2.72) 
Equation (2.72) coincides functionally with Equation (2.62). 
Thus, formulas (2.67) through (2.69) become again applicable if 
of course the appropriate notation is used. In principle, in this 
way we can find the reaction order wilh respect to each of the 
reacting substances or even with respect to the reaction preduct 
if the latter affects the rate of the reaction. 

Another method used to simplify Equation (2.70) consists in 
selecting such concentrations of the reactants that during the 
course of the experiment they remain in unchanged proportions. 
For example, if in the reaction 


2NO -+ Oo = 2NO2 


the molar concentration or partial pressure of NO is two times 
higher than that of Og, then the reactants are present in equiva- 
lent amounts. For the equation of the reaction in a general form 
(2.70), with the conditions of constant proportions formulated, 
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we may write: 
[B] =pi fA], [C]=p2[A] (2.73) 


where po; and 2 are the constants determined by the values of 
the stoichiometric coefficients. Now Equation (2.70) assumes the 
Iori: 


ax | 
<* = kolo! [AP tare (2.74) 
Or 
l. 


Here a new constant is introduced, namely, k” = kp%o%, and n = 
== )--+ y +r is the overall kinetic order of the reaction. Equation 
(2.74) is reduced to (2.62), and the “hall-conversion method” 
becomes again applicable. There is however an important limita- 
tion to the use of the latter variant. It excludes the study of tte 
effect of the products on the rate since their concentration cainsi 
remain proportional to the concentration of the reactant during 
the course of the experiment. 

Van't Holl proposed the obviously simplest use of Equation 
(2.70), which consists of a direct comparison of the reaction rate 
and the concentration. First, the rate ol the reaction is approxi- 
mately estimated by replacing the derivative dx/dt by the difter- 
elice quotient Av/Af. Further, the rate is measured at two values 
of the initial concentrations of one of the reactants, sav B, the 
concentrations ol the other reactants being kept constant. Then, 
proceeding from Equation (2.70), we inay write: 


(4+), me (+), = (# [A]? [C]’) [BI]? 
(4+), ~ (+), = (k [AI?[C]*) [B]2 


Dividing the first of these equations by the second, taking loga- 
rithms and solving the result for g, we obtain the van’t Hoff 
equation: | | | 
_ log (dxfal) — log (dx/dl), (2.73) 

log |Bj, — log [B]2 


or 
___log (@/w2) 
7 Tog ([B]i/[B]2 
where w, and we. are the rates at the concentrations [B],; and 
[13]>. We may cite an example of the combined use of Equations 
(2.75) and (2.66). The thermal decomposition of tetrahydrofuran 
CH»—CIl,—CH»— CHa 


pd 
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in the gas phase is a complex reaction leading to the formation 
of a number of products. The data obtained by measuremenis of 
the pressure as a function of time do not correspond to any sim- 
ple integer order. Accordingly, a series of experiments have been 
accomplished, in which the maximum rates, (AP/A‘) max, and also 
the half-life periods for different initial pressures, Py, were deter- 
mined. The construction of a plot of log (NP/A‘)max versus 
log Po gave a straight line with a slope of 1.5. A straight line 
was also obtained for the relation between log 7, and log Pos but 
with slope equal to —0,.55, These data point to the reaction order 
equal to 1.9. 


CHAPTER 3 


Application 

of the Basic Law 
of Kinetics 

to Complex Reactions 


Chemical reactions that proceed from reactants to products 
through two or more intermediate steps with the participation of 
the same reaciants are called complex reactions. The kinetics of 
complex reactions is studied by using the principle of independ- 
ency which is in fact one of the postulates of chemical kinetics: 
if several reactions take place in a system, then each of these 
reactions obeys the basic kinetic law and proceeds independently 
of the other reactions. The complete change of the system is the 
sum of these independent changes. 

The principle of independency is not of course general since 
it is known that reactions may have an effect on one another, say, 
in induced reactions. In many cases, however, the principle of 
independency is confirmed by experiment and its application is 
ruitiul. 


3.1. Reversible or Opposing Reactions 


First-Order Reversible Reactions. Let the reversible reaction 
A = B 
be first order in both directions. Let a and 6 be the initial con- 
centrations of the reactant and product, and x, as before, the 
decrease in concentration of the reactant by time f. 

The rate constants are designated as follows: for the forward 
reaction, k; instead of kj and ky instead of kr. Then, according 
to the principle of independency, the overall observed rate of the 
reaction will be the sum of the independent rates of the forward 
and reverse reactions. Namely, 


ax =k, (a — x) —kyo (64+ x) (3.1) 
df 
The most substantial difference between the type of reactions 
under discussion and those considered so far consists in that in 
the limit (f+ oo) they do not go to completion, when x — a, and 
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proceed only until a state of equilibrium is attained, when the 
overall rate of the reaction becomes equal to zero: 


LE bey (a — 5) — fe (BF Xoo) =0 
Here x» is the change in concentration, which corresponds to 
the equilibrium. 

From what has been said above follows, in fact, the definition 
of the concept of chemical equilibrium as the mobile, dynamic 
equilibrium determined by the equality of the rates of the forward 
and reverse reactions. Rearranging the equilibrium condition, we 
have: 

b+ xX. ky 

qa = Ke (3.2) 
Evidently, the left-hand side of this equality is the ratio of the 
equilibrium concentrations and K,. is the equilibrium constant 
expressed in terms of concentration and introduced in a different 
way in thermodynamics. Thus, the equilibrium constant is equal 
to the ratio of the rate constants of the forward and reverse reac- 
tions. In studying the kinetics of reversible reactions it is help- 
ful to make use of the equilibrium relations, which is what we 
shall exactly do in integrating Equation (3.1). Rearrangement of 
this equation gives: 

dx 


A = hia — hy x — hob — hax = (key + he) ( 


r, (3.3) 


Ria —_ Rob _ «) 
Rk; + Ro 


Setting dx/dt to zero, i.e., using the equilibrium state, it is easy 


to see that 
Ria —_ Rob 


ki tk, 
Thus, the differential rate equation will take the form: 
dx 


Fp ER Re) (X00 = *) 


Separating the variables and integrating between limits from 0 
to ft and from 0 to x, we obtain the formula 


X 00 
Xog — X 


In == (k, + Ro) ft (3.4) 
which is very similar to the first-order formula (2.4), the only 
difference being that here x. is used instead of the initial concen- 
tration a and, on the right-hand side, instead of one constant /, 
we have the sum of the first-order rate constants of the forward 
and reverse reactions. 

There are many such reactions, especially in solutions. As an 
illustration may be taken the reactions of cis-trans isomerization, 
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say, of stilbene: 

Cy5H,;CH=CHC;Hs (efs) Zoe C,;HsCH=CHCegH; (trans) 
Well-known reactions of this type are the isomerization of ammo- 
nium cyanate into carbamide (urea) in aqueous solution: 

NH,CNO 2 (NHo)2CO 
and the so-called mutarotation (change of rotation) of e@lucose. 


Glucose is known to exist as two stereoisomers, @ and f, which 
rotate the plane of polarization differently: 


HCOH OLiCH 
| | 
/ buon /. CHOH 
| | 
0” CHOH oO” CHOH 
| Xo 
yon \ Gen 
| 
CH CH 
| | 
CH.OH CH,OH 
a-Glucose B-Glucose 


In one of the experiments conducted at 20°C, the freshly pre- 
pared solution of pure @-glucose rotated the plane of polarization 
by +113°. With the lapse of time the angle of rotation decreased 
and reached the limiting value +52.2° which did not change 
with time. In a solution of originally pure B-glucose, the angle 
of rotation changes from +19° to the same limiting value, +52.5°, 
This phenomenon is easily explainable if we assume the dynamic 
isomerization of the two forms of gelicose, i.e., the existence of 
a reversible reaction between them. No matter which form is the 
starting point, we eventually arrive at an equilibrium mixture of 
the two forms, which rotates the plane of polarization to the right 
by 52.5°. 

Let us perform a simple calculation to determine xo, assuming 
that the angle of rotation is proportional to the concentration of 
the rotating substance. The starting point is a-glucose and its 
concentration is taken to be equal to unity. So, 


a-Glucose 7 6§-Glucose 


At the initial moment Co= 1 Ca = 0 
{= 0 

At time ¢ Cjmil-—x C3 =X 

At time f,, Cpe l-—rxy, Ca= Xx 


The angle of rotation of the equilibrium mixture is summed up 


of two angles: 
1138(1 — x) + 19%,, = 52.5 
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This gives Xo = 0.65, ie., the equilibrium mixture coitains 65 per 
cent of the B- and 35 per cent of the a-form. Now, assuming the 
reaction to be first order, we may write formula (3.4) thus: 

In ae = (hk, + hy) t (3.5) 
The kinetic calculations can be made by substituting the values 
of x corresponding to various times into Equation (3.5). As has 
been found, the sum &,;+2, exhibits good constancy, which sup- 
ports the initial assumption of the first order of the two reactions. 
At 20°C the average value of k; + ko = 1.46 & 10-? min-—!. For the 
individual values of the rate constants to be determined, it ts 
necessary to utilize the equilibrium constant: 


Thus, 
k, =0.95 10°? min !, ky =0.51 10-2 min 


Hence, at equal concentrations the rate of the forward reaction 
is nearly twice as high as that of the reverse reaction. 

First- and Second-Order Reversible Reactions. Let us consider 
a more complicated case where the reaction is first order in the 
forward direction and second order in the reverse direction: 

Ry 


A wz B+C 
ka 


a— xX Xx Xx 


Starting from one substance A, for time f we have concentrations 
placed below the corresponding symbols for the substances. The 
rate of the reaction at this moment is given by 

dx 


OT (a— x) — kox? = — k, (Zete—a)=-eA 6-4 (3.6) 


Here £6 and y are the roots of the quadratic equation 


#2 24 yg =0 
ky 


that is, 


—__! fF - (=) Ry |"= 1 R, 
PY=—o'e+lala,) Te 7) =T7e =? (3.7) 


where o@ stands for the radical. Equation (3.6) is easily integrated 
by the method of decomposition into partial fractions: 
Lg Biv *) 


Bay Weoley aE (3.8) 
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If the values of the roots B and y from Eq. (3.7) are substituted 
into Eq. (3.8), we shall obtain the final integrated kinetic for- 
mula: 


! atx(a,2—5 

—— In —____+_““ — pf, (3.9) 
Zal a—x(a2+s 
Rk, 2 


We can solve Eq. (3.9) for the degrce of conversion (the extent 
of reaction) x/a 
—2akit 


a (3.10) 
2 __ 2 —2akil 
a +5) + (oF x)e 


When ¢ tends to infinity, the exponents turn into zero and x/a 
reaches a certain limiting value corresponding to the equilibrium: 


Substitution of an expression for @ into this equation gives the 
ratio of the equilibrium concentrations: 


x k, 


OO 


a—x ky ~ 


Ke 


which can also be obtained directly by equating Eq. (3.6) to zero. 
A good example of reactions of this type is the reversible disso- 
ciation of nitrogen tetroxide: 
k 
NsO, == 2NO, 
ks 
At 25°C the rate constant for the forward reaction is kh} =5X 
< 10% sec—!. The equilibrium constant is Ke = 5.4 & 107° (mole/li- 
tre). Thus, the rate constant of the reverse reaction not measured 
directly under these conditions can be found from the following 
relation: | 
Fi ip, = x =93X 10” litre/mole- sec 
Ke 5.4 107 


Second-Order Reversible Reactions. Consider the classical 
exaniple of the investigation of a second-order reversible reaction 
in both directions. This is the decomposition-formation of hydro- 
gen iodide studied by M. Bodenstein as early as the end of last 
century. In his experiments Bodenstein placed the reactants in 
glass flasks, sealed them and analysed the contents after the 
flasks had been kept in a thermostat for a certain period of time. 
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In experiments on the decomposition of HI the flasks were filled 
with hydrogen iodide at 0°C and 760 mm Hg. Therefore, the ini- 
tial concentration of HI was | mole per 22.4 litres and it was 
this concentration unit that was used to calculate the constants. 
Thus, for the reaction | 
OHI —> Wh +1, 
k» 
the initial concentration of hydrogen iodide a at time ¢ will de- 
crease down to a—vx and the concentrations of hydrogen and 
iodine will become equal to x/2. Assuming the reaction to be 
second order, we write down its rate at time f: 


ax oy (<=) 
£* =k (a— x) — ka (4 (3.11) 


At the established equilibrium dx/dt = 0, i.e., 


; 
ky (A — Xoo)? = ho (==) (3.12) 
where x. is the decrease in concentration of HI, which corres- 
ponds to a state of equilibrium. Rearranging Eq. (3.12), we obtain 
the equilibrium constant Ke: 


__ 2 
Fo _ Ala =~ Xo)" dt (3.13) 


Ry Xo Ke 


Substituting ke from Eq. (3.13) into Eq. (3.11), integrating and 
performing simple algebraic transformations, we obtain the in- 
tegrated formula describing the course of the decomposition reac- 
tion: 


AX oo 
—_—_——_ — Xx 
by = 78 Fe _ tog (2-0, Tea") (3.14) 


~ Ya(a— xX) t a Xoo —X 


This formula was used by Bodenstein for calculating the constant 
k, from the experimental data on the decomposition of HI. It was 
found that at constant temperature the constant Rk; exhibits quite 
satisfactory constancy. Data were obtained for various tempera- 
tures (see Table 3.1), from which it is seen that the rate constant 
and the equilibrium constant increase with rise of temperature. 

Experiments on the formation of hydrogen iodide were carried 
out in an analogous way. Known amounts of hydrogen and todine 
were sealed up in cylinders which were allowed to stand for 
a certain time period in thermostats, after which the mixture was 
subjected to analysis. If the initial concentrations of the reactants 
in the reaction 


ko 
He + Io (gas) = 2HI 
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TABLE 3.1. The Effect of Temperature on the Rate Constant of the 
Decomposition of HI 


T, K R,, 22.4 litreemole «mina! Re, litreermole fesee7! A= ee 
731 0.1059 0.0395 29<107° 
700 0.00310 0.00116 138x107" 
G55 0.000588 0.000220 151077 
629 0.0000809 0.0000302 1.21077 
55 0.999590942 0.000000352 7.9X107° 


are denoted by a, 6, and O, and the concentrations at various 


° . . x Xv 
elapsed times, i.c., those at time f, bya —>, b—-, and x, then 
the rate equation will assume the form: 
Ue he ( — +) (: — =) Rok px? (3.15) 
aT, a——~ NO 4a 3 l ) v9 Wars & ° 


Here the decomposition constant 2; is replaced by the product of 
the equilibrium constant K,. and the constant ko. Integration of 
Eq. (3.15) yields an expression for ky in terms of the experimen- 
tal values of x al given times f: 


at b+S _; 
_ 2X 2.303 | ath—S§S |— 4K, 
= “Sp GE PES ) ath—Ss (3.16) 
1— 4K, 


in which expression S = [(a -+ b)? — dab (1 — 4K,,)]”. 

Substituting into Eq. (3.16) the known equilibrium constant 
and x« from the experiments on the formation, Bodenstein found 
the value of fg. 

Some examples of the determination of fo for different a@ and b 
at a temperature of 666 K are listed in Table 3.2. As seen, the 


TABLE 32. Experiments on the Synthesis of Hydrogen 
Iodide after Bodenstein 


Ro, 22.4 lifreemolie | emina! 


f, min a b 


x 
120 0.4081 0.2797 0.3239 0.0394 
39 0.9086 0.6039 0.4448 0.0390 


15 0.9086 2.2410 0.8076 0.0394 
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value of ky exhibits satisfactory constancy. This in conjunction 
with the data given earlier proves that the reaction under study 
is really second order in both directions. 

Experiments on the synthesis of HI were also conducted at dil- 
ferent temperatures. The values of the rate constants obtained are 
presented in Table 3.3. 


TABLE 3.3. The Effect of Temperature on the Rate Constant of the 
Formation of HI 


l l 


rk Ry. 22.4 lilresnole™ “smin™ | T. K ky, 22.4 litre-mole— | emin™ 
78) 3.98 | 629 0.00676 

700 0.172 | 556 O.OO0LL9 

666 0.0370 


More Complex Reversible Reactions. In the case of more com- 
plex reversible reactions, third order may appear. For instance, 
the oxidation of nitric oxide 


is third order in the forward and second order in the reverse di- 
rection. The principles of mathematical treatment of the kinetics 
of this and other, more complex reactions are the same as before, 
but the complexity of the derived formulas naturally increases. 
Sometimes, the mathematical expressions obtained are hardly 
convenient for practical use and it is more expedient to resort to 
approximation methods for the study of kinetics. 


3.2. Parallel Reactions 


In parallel reactions (concurrent reactions) the reacting sub- 
stances, instead of proceeding along one path to yield a given set 
of products, also follow one or more other paths to give differ- 
ent products. We shall consider only the simplest cases, say, fwo 
parallel first-order reactions. A substance A takes part simulta- 
neously in two reactions with the formation of products B and C: 


At the start of the reaction (f= 0) only the substance A with 
a concentration a is present in the system; by time ¢ the concen- 
tration becomes equal to a — x. Both reactions are considered to 
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be independent of each other and to obey the basic law of kine- 
tics—the overall change of the concentration is made up of the 
sum of the independent changes: 


d: 
= hy (a — x) + ko (a — x) = (Rk; + Re) (a — x) (3.17) 
It is easy to see that integration of this equation gives ordinary 
first-order formulas: 
Qa 
d— xX 


In 


= (ki + ko) f (3.13) 


OT 


the only difference being that, instead of a single constant, they 
contain the sum of two first-order constants. As seen from Eqs. 
(3.18) and (3.19), the experimental values of x allow us to de- 
termine not the separate values of the constants Rk; and 2 but 
their sum. Using the rates of accumulation of the products, we 
can however find the ratio ki/k,. Denoting the concentrations ol 
the products as Cp and Cc, we write the following equation: 
dc dc 


RB C 
—— =P — a —_—_ 
k, (a — x) nd r 


To reduce the number of variables, the quantity a—vx is re- 
placed by its value from Eq. (3.19). The result is 


dep, =k,aeT th)! ay 


Integration yields 

Ry 
Ri + ky 
When determining the integration constant from the initial con- 


ditions cp = 0 at t = 0, we write an expression for the time depen- 
dence of the concentration of one of the products: 


e—Ritkt + con: 


C3 = — a 


— Ry —(Rk, +k.) t Q. 
(RIE [1—e (3.21) 


An analogous expression with ky being substituted for k; is also 
obtained for the concentration Cc: 


—— Re _ aal(ki +k.) t 9 
cc= a k + Ro [1 ec (3.22) 


Dividing Eq. (3.21) by Eq. (3.22), we get the relation 


which shows that during the entire course of the reaction and also 
at the end of it the ratio of the concentrations of the products 
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remains constant and equal to the ratio of the rate constants. 
Thus, having determined the relative amounts of the substances B 
and C at the end of reaction, we can, with the sum k; + &»2 known, 
find also the individual values of the constants. 

It is easy to see that with three or more parallel lirst-order re- 
actions the result obtained will be similar to Eq. (3.18). Thus, if 
the reaction is written as 


the integrated formula will look like 


a 
a—- xX 


In = (ki + ko + ks) t 
The concentrations (or amounts) of the products (provided that 
the original mixture does not contain them) will interrelate as 


constants, i.e., 
CBitcilpi... =F, [Roi Ry: eee 


For instance, the nitration of phenol involves three parallel first- 
order (with respect to phenol) reactions, namely, the simulta- 
neous formation of ortho-, meta, and para-nitrophenols. As shown 
by experiment, the ratio of the amounts of the three isomers re- 
mains constant during the course of the experiment: 


Coilmi lp = 99.2 23.3: 37.5 =Ro: Rm: kp 


Evidently, the ortho-isomer is formed with the highest velocity, 
and the mefa-isomer with the lowest velocity. 


3.0. Consecutive or Sequential Reactions 


Of great importance in kinetics are consecutive reactions (or 
sequential reactions) which proceed from reactants to products 
not directly but through one or more intermediate stages at which 
more or Iess unstable intermediates are formed. It will not be an 
exaggeration to say that the majority of chemical reactions pro- 
ceed through a number of consecutive steps, by one or the other 
mechanism. Intermediates may consist of ordinary molecules 
which become then involved in the reaction. In other cases, inter- 
mediates are free atoms or radicals exhibiting enhanced chemical 
activity as compared with bond-saturated molecules. An example 
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of a reaction proceeding by the free-radical mechanism ts the 
oxidation of hydrogen to give water. A study of the kinetics of 
consecutive reactions constitutes a very important task. An exact 
mathematical solution of the equations derived for sequential reac- 
tions with the use of the basic kinetic law is however expedient 
only in the simplest cases. In more complicated cases, the solu- 
tion of equations, if possible at all, leads to such unwieldy for- 
inulas that their practical utilization is at best very difficult. 

Here we shall consider the rigorous solution of only one oi 
the simplest cases, namely, the case of two consecutive first-or- 
der one-way reactions: 


A—B-—>C 
To the category of such reactions belongs, for example, the hyd- 


rolysis of esters of dicarboxylic acids. Thus, diethylmalonic ester 
is hydrolysed in two stages: 


COOC.H; COOH 
(I) CH, 4+H,O —>» CH, + CoHsO0H 
COOC.H; \COOC.Hs 
COOH //COOH 
(11) CH, +10 —> CH, +. CoHsOH 
\coocC.Hs \COOH 


Thus, 


At the start of the reaction (¢ = 0) the concentration of A is a, 
the substances B and C being absent. By time ¢ the concentra- 
tions are: a — x for the substance A; x — y for the substance B; 
and y for the substance C. 

Applying the basic law of kinetics and the principle of inde- 
pendency, we obtain a system of differential equations: 


(1) ak, (a — x) (3.23) 
(2) <b == ko (x — y) (3 24) 


The solution of the first equation, i.e., the simplest first-order 
equation, is represented in the form: 


x=a(l—e*) (3.25) 
Substituting the values of x from Eq. (3.25) into Eq. (3.24) yields 
an equation for the rate of change of y: 


dy 


7 Roy + koa (1 — efit) (3.26) 
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This equation of the Leibnitz equation type is solved by equating 
provisionally the second term on the right-hand side of Eq. (3.26) 
to zero: 


dt FY 
or 
Iny=—kt+Inz (3.27) 
where Inz is the integration constant. Presenting Eq. (3.27) as 
y= ze *# (3.28) 


we take into account that z is not a true constant. It must be 
a function of time because of Eq. (3.26) being simplified. Further, 
to obtain the form of this function, we differentiate Eq. (3.28) 
with respect to time. We have: 


di di ° 9 ~ 720 
or, taking cognizance of Eq. (3.28), 
oe == — koy + = eat (3.29) 


Now, comparing Eq. (3.29) with Eq. (3.26), we find that 
dz = ka [e*2 — elke) 4 at 


On integration this leads to 
z= koa l= eat 4 oe ele Ri) 1 -++ constant (3.30) 
Ro Ro — Ry 


Substituting the value of z into the expression for y, Eq. (3.28), 


gives: 
y = koa EE —Z P eT 4+- const « e—*# (3.31) 
2 27. iI 


The integration constant is found, as always, from the initial 


condition ¢ = 0, y = 0: 
Ry 


const =a ko — hk, 


Thus, we obtain the following expression for the dependence of 
the product concentration on time: 


_ Ry — kot ko “ht 
y=a(i+z—pe ik © (3.32) 


which will be treated in more detail at a later time. 

For the present, we are to be certain that y= 0 at t=0 and 
y—a at t-— oo, i.e, that the starting material will be entirely 
converted into the firal product. Let us consider the intermediate 


3-94 
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formed during the reaction. Subtracting Eq. (3.32) from Eq. (3.25), 
we have 


_ Ry —hyt —kot 
*—y=a>—— e e~*2") (3.33) 


First consider a special case of this equation, where 
kj = ko =k (3.34) 
Upon substitution of this equality Eq. (3.33) turns into an in- 


determinate form, which can be evaluated by using the ratio of 
the derived functions for k: 


| — __ ew ket __ te | 
a —1 


Substitution of the values of k = k; = ky gives a simple formula 
for the concentration of the reaction intermediate: 
x—- y= akte—** (3.35) 


It is quite clear from relation (3.35) that x—y passes through 
a maximum—at small ¢ the exponential is close to unity and the 
concentration of the intermediate increases almost in proportion 
to time, and with long reaction times there prevails the exponen- 
tial function that tends to zero. As can easily be found by ordi- 
nary means, the time of attainment of the maximum concentra- 
tion in this simple case is inversely proportional to the rate con- 
Stant: 
I 


tmax = 


The general expression (3.33) is of great interest. Here the func- 
tion also has a maximum, which can easily be seen if we substi- 
tute the values of 4 = 0 and ¢ = oo. In both cases, x — y vanishes, 
but at transient times the concentration of the intermediate is dif- 
ferent from zero. The time of attainment of the maximum is 
found casily: it is determined by the values of the rate constants: 


(3.36) 
Now we find the maximum concentration by substituting (3.36) 
into (3.33): 
ki he 
In ky in | 
(x — y) =q—*1_ (~ Rmky gawk 
. Y)max = ko __ k, 


Introducing a new variable 
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we see that the maximum concentration is independent of the se- 
parate values of the constants and is a function of their ratio: 


( _ Ing ~“) 
a —| —1 
(x — ¥)max = ~—, 2 TT" -e 4 


g— | 


Or 


q 
dare ty (a q~" —q zt) (J.37) 
Now it is interesting to consider formula (3.37) at two limiting 
values of g. 

1. The value of g is very small, i.e., 2; >. Ro. This means that 
the intermediate B is relatively stable. If the low value of g is 
disregarded as compared with unity, Eq. (3.37) will assume the 
form: 

(x — y)max= — (q™ —q ")xa 
that is, in this case the entire (almost!) amount of the reactant 
accumulates as an intermediate. The result obtained is trivial and 
it might have been expected since in the limit it corresponds to 
the complete absence of the second reaction (ky = Q). 

2. Suppose the intermediate is extremely unstable, i.e., ko > 
and g is very great. Then, in Eq. (3.37) unity may now be negle- 
cted as compared with g and 


l 
a  @ —| 
= Dar (4 7 _ 4g ne 


Since by condition g is great, the maximum concentration of the 
intermediate in this case is very low. The role of such particles, 
which are extremely unstable during the interaction with other 
molecules, can be played by atoms and free radicals. 

Now let us turn to the final product C. The curve corresponding 
to the function y = f(t), (3.32), has an S-shaped form. It is not 
difficult to show that the second derivative d?y/dt? is equal to 
zero at ft = tmax, 1.¢., 


d*y 


aT (3.38) 


=0 at tin= p= -- 


In other words, the function y =/(¢/) has an inflection point and 
the time corresponding to this point coincides with the time of 
attainment of the maximum concentration of the reaction inter- 
mediate [see Eq. (3.36)]. The S-shape of the curve (Fig. 3.1) 
implies that the accumulation of the final product occurs as if 
with acceleration. First its concentration increases slowly and 


3? 
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then faster and faster and after the point of inflection is passed, 
its increase is slowed down. At the start of the reaction the 
amount of the end product formed may be too small to be detect- 
ed analytically, and then, as il on a sudden, it begins to appear. 
This time interval elapsed before an appreciable amount. of 
reaction has occurred, i.e., before the onset of the reaction is de- 
tected, is called the induction period (t). The length of the induc- 
tion period is undoubtedly associated with the accuracy of the 
analvtical method employed. 

Generally speaking, induction periods may arise from different 
factors. Here its presence is associated with the consecutive reac- 
tion. This concept will be encountered later in the discussion of 
the kinetics of branched chain 
processes and autocatalytic reac- 
tions. 

Let us return to the intermediate 
B. The height of the maximum of 
x —y, as has already been said, 
is determined by the ratio of the 
constants, k2/k; =gq. The higher 
the value of g, the lower the va- 
lue of (x — ¥)max. On the other 
hand, the time required for the 


Fig. 3.1. The variation of the con- maximum to be attained 
centrations of the reactants for 


Concentration, fractions 


Time. sec 


two consecutive first-order re- bs 
actions: In 2 

l 

(a—x)—reactant; (x—y)— intermediate; tmax = ? 
y—end product. ky — k; 


also depends on the values of the constants. It can easily be seen 
that the larger the value of Rk, at a given constant k;, the more 
rapidly the maximum concentration can be attained. 

Figure 3.2 gives three curves showing changes in the concent- 
ration of the intermediate when the latter is relatively unstable — 
its decomposition constant Ry exceeds by 10 times the formation 
constant k;. The height of the maximum is the same in all the 
cases, but the shape of the curve is different since the time of 
attainment of the maximum depends also on the difference be- 
tween the constants according to Eq. (3.36). Of special interest is 
curve 3 which shows that the decrease of the difference ko — R, 
with their ratio being the same leads to the spreading of the max- 
imum in time. The concentration of the intermediate continues 
to be approximately at a single low level close to the maximum 
for a long time. Thus, there is ground for stating that with the 
lapse of a certain short time period alter the reaction has start- 
ed (if ko > k,) there is established a nearly steady-state or sta- 
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tionary (quasi-stationary) concentration of the unstable interme- 
diate, which persists for most of the reaction time. In the statio- 
nary state, the rate of formation of the reaction intermediate is 
nearly equal to its rate of disappearance. Therefore, the overall 
rate of change of its concentration, i.e, d(x — y)/dt, is equal to 
zero, more precisely, is considered to be equal to zero, not only 
at the point of the maximum but also for a relatively long time 
interval. What has been said above may be regarded as a sub- 
stantiation of a very important, though approximate, method of 
kinetic treatment of complex reactions—the stationary- or steady- 
State principle, which is often associated with the naine of Bo- 
denstein (see Sec. 3.5). 


(c-y), fract LOnS 
{ 


f Z J 4 Q & 7 8 
Time, §@C 
Fig. 3.2. The variation of the concentrations of the intermediate at the ratio 
of the constants ko/k; = 10: 
[ 


I—k,=1, k2,.=10 sec—!; 2—kh,=0.5, R.=5 sec! ; d3—k,=0.1, R:==1 sec” . 


The following considerations are also of interest. If the reaction 
intermediate is relatively unstable and ky > k, then, with the 
lapse of a sufficiently long period of time, the term exp(—A;,f) 
will become much greater than exp(—&ot). Equation (3.33) 
therefore reduces to the following: 


Ry —kit 
ky —ki 


x—y=a 


If we divide the last equation by the time dependence of the 
amount of the starting substance, a— x, the following relation 
will obtain: 

[B] X—Y Ry 

[A] a—x  ke—kh, 


which expresses the constancy of the ratio of the concentrations 
of the intermediate and the reactant in the stationary state. Some- 
times, this state is termed the transient equilibrium. Somewhat 
different results are obtained when k, is not only lower than ky 
but is very low in absolute magnitude, i.e., kt < ko. Then, the 


70 Ch. 3. Application of the Basic Law to Complex Reactions 


quantity 2, in the last equation may be disregarded as compared 
with ka. So, we get: 


that is, in the stationary state the concentrations of the reaction 
intermediate and the starting substance will be interrelated as 
their average lifetimes or half-life periods. In such cases, one 
speaks sometimes of the secular equilibrium. As an example may 
be cited the relation between the concentrations (or amounts) of 
radium and radon being in a state of secular equilibrium. As has 
already been mentioned (Chapter 1), the rate constant for the 
decay of radium is 2; = 1.38 & 10-'! and that of radon is ko = 
= 2.097 &K 10-° sec—!. Hence, in the stationary state (secular equi- 
librium) radon and radium are present in the following ratio: 


NR 
NR 


a 


137x101! 


nix io" 


3.4. n Consecutive First-Order Reactions 


The mathematical solution of the problem of n consecutive first- 
order reactions was given in a most general form by A. V. Ra- 
kovsky in 1907. He studied the system 


M, wo" My, W™ M3 WO My Wo... WO Mp ZO May: 


which involves n reversible reactions. 

We shall not dwell here on the consideration of this general 
solution because of the relations obtained being unwieldy and 
also of their being of little practical value; we shall limit our- 
selves to a simpler discussion of n irreversible first-order reactions: 

ky Ry R, 7 
A —> B—* C —~> D—-... 
Let the number of molecules of the reactants at time ¢ be N, for 
substance A and Ng for B, etc. The initial (¢ = 0) number of mole- 
cules of A is equal to No. For substance A, we have evidently 
[see Eq. (2.8) ]: 
N, = Noe *# 


As known, for two reactions 
A —_ B—_\ C 
we have 


_ Ry —kit = Ral 
No = No ko — kh (e —e ) 


that is, an expression identical with Eq. (3.33). 


3.5. Two Consecutive Second-Order Reactions 71 


If the sequence consists of three reactions: 
A — B-—- C —> D 

a third differential equation has to be added: 
dN; 

dt 


Replacing N» here by its expression from Eq. (3.33) and transpos- 
ing k3N3 to the left-hand side of the equality, we obtain: 


dN, __ ky Ro —kyt —kt 
att hNs= No poe, be a 


= koNo — k3N3 


The solution of this equation has the form: 
N3 = No (ce ** + coe ** + ese * *) 


with the constants having the following values: 

_ kik _ kiko 

(ka — By) (ks — hi)” (Rt — ea) (Rs — Be) 
RiRo 

(Rk; — Rs) (Ro — ks) 


In a general case, for n reactions the time dependence of the 
amount of the nth product is expressed by the following relation: 


Ci 


and C3 = 


Na=Nolcie ' +ee  2f +... tepe ) 
where the constants are related to the rate constants as follows: 
ki Roky oe Rn-| 
(Ry — ky) (Ra — Ry) (Ra — fy) ~~. (Rn — F1) 


2 kikoks 0. Rao 
(Ry — kz) (Rg — Re) (Ry — Re) «2. (Rn — 2) 


C= 


Co 


and so on. 

The relationships that have been considered here are most im- 
portant for the study of the kinetics of consecutive transforma- 
tions of radioactive substances, where all the processes are un- 


doubtedly of first order. 


3.5. Two Consecutive Second-Order Reactions 


Let us now examine a somewhat more complicated case, na- 
mely, one involving two consecutive second-order reactions: 
ky k, 
2A —> 2A, —> Az 
Now we introduce the notation: a is the initial amount of sub- 
stance A (moles) or the concentration in moles/litre; (a — x) is 
the amount of substance A by time f; (x — 2y) is the amount of 
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substance A; by time ¢; y is the amount of substance Ag by time f; 
the initial simultaneous differential equations may be written as 


follows: 
dx 


eee —, 2 
7 = 2k; (a — x) (3.39) 
Y ===» 2 


The solution of Eq. (3.39) may be formulated thus: 


abt 
1-+ dt 
where 6 = 2k,a. Further, passing over to Eq. (3.40) and replacing 
(x — 2y) by U, we get the following expresston: 


Tod (_abt_ 
2 dt 1+ bt 


x= (3.41) 


U ) — kU? (3.42) 


Equation (3.42) is of the type of Riccati equations. To solve this 

equation, one has first to select a partial solution and then, with 

the aid of this solution, the Riccati equation may be transformed 

into Bernoulli’s equation. Let us seek a partial solution of 

Eq. (3.42) in the form: 
ya 

1 + bt 

It turns out that Eq. (3.42) has two partial solutions: 


My No 


US [+ bt’ U2= 1+ bt 


where n, and ny are the roots of the quadratic equation 
2Q2kon? — bn — ab =0 (3.44) 


b b? ab b 6? ab 
+ a/ 5+, maa a/ > +— 
Ak, 16k2 Ok, 4k, 16k2 Ok, 


It is however obvious that U2, is negative * and, hence, has no 
physical meaning. Using the partial solution of U;, we can find 
the general solution of Eq. (3.42): 


Namely, 


n= 


hy 


U= TT bi 


+0 (3.45) 


* In the solution proposed by A. D. Stepukhovich and L. M. Timonin (ZAurn. 
Fiz. Khim., 25, 134, 1951) use is made of both partial solutions, i. e., the po- 
sitive and the negative solution, the latter having no physical meaning. The 
final result for y, x —2y and ty obtained in their work differs from the solu- 
tion given here, which has been performed by V. L. Syaduk and V. M. Belova 
(at the Chemistry Department of the Moscow State University). 
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where 0 is a new, unknown function. Now Eq. (3.42) may be writ- 
ten in the following form: 


d (a )=2 oo 211,68 | (3.46) 
aUit+n 7? Tapp: taser t & 


Diierentiating the left-hand side of the equation, we obtain: 


ah + ba, dG . ny 4k On, 

(+ bt)? ~ air = 782 Sp: a (1 + bf) 
Then, taking account of Eq. (3.44), we reduce the equation to the 
type of Bernoulli’s equation: 


dB Akon 0 
at 1-+ df 


+. 220? 


-|- 2k 28° = (0) 
Now the substitution z= 1/0 is performed in this equation: 
— (1 4+. bt) + dkonyz + Qk (1 + bt) =0 3.47) 


Equation (3.47) is solved by equating provisionally the expres- 
sion 2ko(1 + bt) to zero and finding the time dependence of the 
intermediate integration constant. The resulting solution has the 
form: 


z= 2ky (1+ 01) + (=) 4 on™! 


where m = (4kon,)/b. Substituting z = 1/0, we obtain the final so- 
luiion for the amount of the reaction intermediate: 


(b — 2kon,) [1 —C 4+ oty™—!] (3.48) 


U=x-—2y= 
(1 + bd?) | Zhe — Se (1+ bt)™—"] 

Now we are to find the extremal point of U =x — 2y, i. e., the 
maximum possible amount of the intermediate. To do this, we 
must find the derivative U and equate it to zero. As can be shown, 
dU/dt is equal to zero if the following condition is fulfilled: 


Roth QRroit | 
2 ——— ad SS 
F?— 8 F + > = 0 (3.49) 
where 
F = (1+ bfo)"7! (3.50) 


Solving the quadratic equation (3.49) and employing expression 
(3.44) we find F, leaving only the positive value of the root since 
the negative value has no physical meaning: 


(air Vid 
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where 
r= — (3.51) 


With account taken of the root nm, from Eq. (3.44), the exponent 
in Eq. (3.48) has the following value: 


m—1=A/l+— (3.52) 


From Eqs. (3.50), (3.51), and (3.52) we find the time of attain- 
ment of the extremum: 


eyeing 


2ak, 


(3.53) 


Substituting fo into Eq. (3.48), we obtain an expression for the 
extremal value of the amount of the reaction intermediate: 


ev 


UY extremum) = x— ly > nn ~ 


(ovr Dey” 
ee CsA? el (3,51) 
PONE aay) 


Examining Eg. (3.48) imore thoroughly, we find first that the 
extremum corresponds to the maximum. Second, we become con- 
vinced that in limiting cases, i. e., for example, when ko > k; (the 
reaction intermediate is extremely unstable) and r = k,/ko 0, 
(x — 2y) max 0, i.e., the maximum concentration of the interine- 
diate tends to zero. Otherwise (ko < k; and r = ky/ko—0) we 
have (x — 2y) max — @, i.c., all the initial substance accumulates a5 
an intermediate. 

Utilizing Eqs. (3.54) and (3.41), we arrive at an expression for 
the amount of the final product: 


l abt (b — Qhon,) [1 —(1 + bt)™- |] 
yY=7 a eS (3.55) 
ay) | 2h — 2a eRe ed (1+ ot)" 
1 


Analysis of this equation shows that the y = [(/} curve has a point 
of inflection; the time of attainment of this point, 7%, coincides 
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with the time of attainment of the maximum of the amount ol 
the intermediate and is given by Eq. (3.53). That the point of 
inflection coincides with the maximum point in time can be shown 
with the aid of Eq. (3.40) by representing it in the form 


y” = koU? 


Further, we set the second derivative equal to zero: 
y” = 2k,UU’ =0 


From this it follows that the function y =/(f) has two points of 
inflection: (1) O=0O at t=O, i.e, at the origin of the coordina- 
tes. This means that the y =/(t) curve creeps, so to say, along 
the abscissa; (2) U" = 0 on the condition of (3.49), i.e., 


D SRiny 2Rott __ 

on b P+ ooen, 9 
Hence, as a consequence, the coincidence of the time of attain- 
ment of the maximum x — 2y with the point of inflection on the 
curve of the amount of products versus time. 

The equations considered in this section may find application 
in the study of isomerization processes in those cases where the 
overall rate of the reaction is controlled by the initial bimolecular 
second-order step. 


3.6. The Steady-State Approximation and the Mechanism 
of Complex Gas Reactions 


As shown in the preceding sections, an exact mathematical so- 
lution of the problem of two consecutive reactions leads to for- 
mulas which are inconvenient for practical utilization. Thus, the 
equations obtained for the concentrations of the final product 
and the intermediate cannot be solved for the constants. Hence, 
the constants can no longer be calculated directly from experi- 
mental data on the concentration-time relationship. They have to 
be selected. We can imagine to what extent the equations will 
become unwieldy in more complex cases, for example, for several 
consecutive and parallel reactions of different orders. And it is 
such a set of processes that constitute the mechanisms of many 
ordinary reactions, such as the formation of hydrogen bromide or 
water. An exact mathematical solution of the problem often proves 
to be impossible, in which case resort is made to the approxi- 
mation steady-state method (the steady-state approximation)* in 
kinetic studies. In addition to what has been said earlier 
(page 69), we give a more rigorous substantiation of the method. 


* This method is also known as the Bodenstein steady-state approximation, 
the steady- (or stationary-)state principle, or the steady-state hypothesis, — Tr. 
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Let us consider the reaction 
A+B — > 2C (A) 

assuming that it proceeds by a mechanism involving two highly 
unstable products M,; and Mag, i. e., 

(1) A —~> 2M, R, 

(2) MitB— C+M2 ko 

(3) Moa+A — C+M,_ ky 

(4) Mi +M, —> A Ry 
The first of these elementary reactions is unimolecular and the 


remaining ones are bimolecular. First we will write down the rates 
of change of the concentrations of the stable substances: 


(B) 


_ an =k, [A] + ks [Mo] [A] — 2s [Mi]? | 
— AT = bey (MA EB] (3.56) 
and then the equations for the intermediates M,; and Mag: 
; ia = 2k, [A] — ke [Mi] [B] + &s [Mz] [A] — 2h, [Mi]? 
(3.57) 
d [Mg] 


=k. [M,][B] — 23 [Mo] [A] 


at 


From the stoichiometric equations (A) and (B) we can also des 
duce the number of moles that have reacted *: 


[AJo — [A] = 4G 4 LM asa 
[B]o —[B] = iI + [Mo] 


In accordance with what has been said in Sec. 3.3, the concentra- 
tions of the unstable intermediates, [M,;] and [Mo], are very 
small during the entire reaction as compared with the concentra- 
tions of the reactants and stable products. In this connection, the 
stoichiometric relations (3.58) can be simplified: 

IC] Ic] 
2 2 
Differentiation of the above relations with respect to time gives 

the expressions 


[A]o — [A] = and [B]o— [B] = (3.59) 


d{B] 1 afc 
dt 2° «(dt dt 2. dt (3.6) 


* The volume of the reacting system is assumed to be constant. 
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which shows the absence of an appreciable lag of the rate of 
accumulation of the products behind the rate of disappearance of 
the reactants. 
We may substitute the expression for the rates from Eq. (3.96) 
into Eq. (3.60). We thus obtain: 
d{A] 1 d{C] 


ha i aa 7a =k, [A] + kg [Mo] [A] — &y (Mi)? = 


= 5 ke [Mi] [B] + > &s [Ma] [A] 
Or 
2k, [A] — ko [Mi] [B] + &3 [Meo] [A] — 22, [Mi]? =0 


But, according to Eq. (3.57), the last expression is equal to 
d[M,] /dt. Hence, 
d [Mi] 


rT = 0 (3.61) 


Analogously, using the second of Eqs. (3.60), we obtain: 


Or 
ko[M,] (B] — &3 [Mo] [A] =0 


That is, according to Eq. (3.57), 


ad[Mo] __ 
dt  —— 


0 (3.62) 


Thus, as a result of the formation of unstable intermediates in 
very small concentrations, the important steady-state conditions 
(3.61) and (3.62) are obtained. 

The practical importance of the steady-stale principle is very 
ereat. By setting the overall rates of formation-decomposition of 
the unstable intermediates to zero, the steady-state approxima- 
tion enables their concentrations to be expressed in terms of the 
concentrations of readily analysable substances and then to sub- 
stitute them into the rate equation for the reaction under siudy. 
This equation is compared with the empirical rate equation and 
the suitability of the supposed reaction mechanism is thus decided. 

Let us consider the use of the steady-state approximation on 
some examples. We shall begin with the Butlcrov reaction (1867) 
which is the simultaneous decomposition of hydrogen iodide and 
alkyl iodide: 
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This reaction is, so to say, an analogue of the well-known reac- 
tion of decomposition of pure hydrogen iodide: 


HI -+ HI — He2+ 1, 


which is of second order (see Sec. 3.1). 

It was originally believed that the Butlerov reaction too had 
an ordinary persistent second order, at least within a single exper- 
iment, i.e., at one value of the initial concentration of HI: the 
second-order rate constant from the equation 


d [[2] 
dt 


= k,, [RI [HI] (3.63) 


exhibits good constancy. However, the subsequent investigations 
carried out by Ogg in 1934 showed the dependence of A in 
Fq. (3.63) on the initial concentration of HI, which obviously 
must not be the case with a normal second-order reaction. It was 
found exactly that Ay, diminishes with increasing initial concent- 
ration of hydrogen iodide: 


he” 


ky Ri + FEN, 


In other words, the differential equation for the rate of the Butle- 
rov reaction must on the whole be written down, according to ex- 
periment, as iollows: 


4 [Te] 


aul = fe’ 4. ity, san~f RUTH (3,64) 


But how could one explain this seeming violation of the basic 
law of chemical kinetics, which manifests itself as the dependence 
of the “constant” on the concentration? According to Ogg, the 
phenomenon is accounted for by the assumption of the complicat- 
ed mechanism of the Butlerov reaction. To put it more exactly, 
according to the assumption, the reaction proceeds by two mecha- 
nisms. The first mechanism is an ordinary bimolecular second- 
order reaction: 


I (1) RI-+-HI —> RH+1I, ky 
The second mechanism is complicated: it consists of four elemen- 


tary, consecutive and parallel reactions involving atoms and 
free radicals: 


Il. (2) RI — R-+I slow Re 
(3) R+HI — > RH-+/ fast ky 
(4) R+I, —> RI-+T fast Ra 


(5) It+1+M —> I,+M fast ks 
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Here it is assumed that reaction 2 involving the breakdown of 
the molecule RI into a free radical R and an iodine atom, which 
requires the consumption of a considerable amount of energy, pro- 
ceeds slowly. All the other reactions, which involve free atoms 
or radicals, occur with relatively high velocities. 

The consecutive reactions that constitute the second mechanism 
give rise to two highly reactive and, hence, unstable intermedi- 
ates R and I, for which the rates of formation are much lower 
than their rates of disappearance. In the notation adopted in the 
description of the kinetics of consecutive reactions [formula 
(3.37)], this corresponds to large values of g. In other words, 
the intermediates R and I accumulate in very small concentra- 
tions. Hence, the steady-state principle may be applied to these 
intermediates, i.e., it may be assumed that 


=( and 


Proceeding from the basic kinetic law and the principle of inde- 
pendency, we may write the overall rate of formation-disap- 
pearance of iodine atoms: 


d [T] 


Ta ko [RI] + ks [R] [HI] + &y [IR] [Te] — 2s [E]° [M] =9 (3.69) 


Analogously, for the overall rate of change of the concentration 

of the radical R we obtain: 

d[R] 
t 


ap Re URE] — As IRITAY — ka PR] [La] = 0 (3.66) 


Adding together expressions (3.65) and (3.66), we get: 
ko [RI] = ks [1}2 [M] (3.67) 


Using this equation, we can easily determine the concentration 
of iodine atoms. 
Equation (3.66) is readily solved for the concentration of free 
radicals: 
ko [RI] 
kz {HI} + &, [Io] 


Thus, the steady-state method allows one to express the concen- 
trations of unstable intermediates in terms of the concentrations 
of ordinary, relatively stable and, hence, readily analytically de- 
terminable substances. In this lies, generally speaking, the fun- 
damental significance of the application of the steady-state prin- 
ciple. 

Now let us determine the overall observed rate of the Butlerov 
reaction from the appearance of molecular iodine and write the 


[R] = (3.68) 
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equation 
d [Io] 


Fen = [RU [AU] = bs {R] [a] + bs (1PM (3.69) 


Replacing the concentration [IR] here by its value from expres- 

sion (3.68) and using, instead of the last term, the product k, [RI] 
equal to it, (3.67), we get 

d {Io} 

dt 


kok, [RI] {Io] 
ks [HI} + 2g [Ta] 

koks [RI] [HT] 
k; [HI] -F fy [1s] 


Then, on the basis of the likely assumption of the closeness of 
the rates of similar reactions (3) and (4), ie, of the equality 


=k, [RI} [AI] — + ko [RI] = 


== k, [RI] [HI] + (3.70) 


x | 
t “eceecene se or 


YL] Teme, MEN 
Fig. 3.3. The rate constant of the Fig. 3.4. The variation of pressure in the 
Builerov reaction versus the ini- reaction vessel during the thermal de- 
tial concentration of hydrogen composition of methane (according to the 
iodide. data obtained by Kassel, 1932). 
k, = ky, these constants cancel out in expression (3.70). If, finally, 


we take into account the constancy of the sum of the concentra- 
tions [HI] and [lo], which is equal to the initial concentration 
of hydrogen iodide [HI]o, we will finally obtain: 


ope = fe + aap} RUE (3.71) 


What remains now is to compare the theoretical expression (3.71) 
with the experimentally found equation (3.64) and to check out 
whether they are functionally identical. Thus, the Ogg mechanism 
of the Butlerov reaction and its treatment by means of the steady- 
state principle enables one to account flor the experimentally 
established dependence of the second-order rate constant on the 
initial concentration of hydrogen todide. Graphically this depen- 
dence may be represented by a straight line in the coordinates Art 
and 1/{HI]o (Fig. 3.3). 
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The Kinetics of Thermal Decomposition of Methane. Applying 
the manometric method of measuring reaction rates, Kassel 
(1932) studied the kinetics of the thermal decomposition of me- 
thane in a static system in a temperature range of 735-1113 °C. 

The typical course of the change of pressure in Kassel experi- 
ments is shown in Fig. 3.4. 

At the very beginning of the reaction there was often observed 
an induction period, following which the pressure in the reaction 
vessel increased linearly with time with the decomposition of 
methane being not too strong, which indicated that the reaction 
was first order. The first order was confirmed by experiments at 
different initial pressures. Below are presented the first-order rate 
constants found from the initial reaction rates at 735°C from the 
straight-line portions of curves of the type shown in Fig. 3.4. 


Initial pressure, cm Hg 1.3 2.44 2.60 4.73 11.18 16.47 29.64 
k+ 108, sec! 119 1.06 1.40 1.13 1.21 1.03 1.14 


As has been found, the reaction is sharply retarded by hydrogen, 
in the presence of which the velocity is approximately defined by 
the equation 

d(CH;] — . [CHiP 


au EEE eee > 


di (Ho)? 


(3.72) 


To account for the observed specific features of the reaction kine- 
tics, Kassel suggested the following mechanism: 


CH, =~ CH,+ H2 Ri, ry 

CH, -+ CH, =~ C)Hs Ro, fo 
CoHs == C,H, + He R3, £3 

CoH, == CoH2 + Fy Ry, 04 

CoH, == 2C+- Hyp Rs, fs 


All the reactions listed were assumed to be reversible; the quanti- 
ties k; and r; express the rate constants for the forward and re- 
verse reactions. A specific feature of the proposed mechanism is 
the initial formation of the methylene radical, CH2 which then 
enters into reaction with methane to form ethane. From the lat- 
ter, by way of removal of the hydrogen molecules, there are 
forined cthylene and acetylene, the latter being decomposed finally 
into carbon and hydrogen. 

Kassel thought that the steady-state principle could be applied 
to the four expected intermediates (CHy2, CoHes, CoHy, and CoH2). 
Let us write the appropriate cquations, introducing the following 
notations: [CH,] = a, [CHo] = x, [H2] = 0, [CoHe] = y, [CoH4] = 2z, 
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and [CoH] = @Q. 


I. ee) = ka — koax — bx + rey =0 
If. AMeeltel — hoax —froy —k3y + r3bz=—0 
ITl. CACHE me kay — raz — kz + bp =0 
IV. CNet = kz — yb — kop + rsb =0 


The task here, as always in such cases, consists in excluding the 
concentrations of unstable products so as to express eventually 
the directly observed rate of the reaction, —d[CH,]/dt, as a func- 
tion of the reactant and stable reaction products. 

The task can be solved, for example, as follows. From Equa- 
tions I and II we omit x and solve the result for y: 


__ rsbz (Roa -|- r,b) + ky koa? 


rib (ro + k3) + Rok3a (3.73) 
Then, solving Equation IIT for y, we obtain 
y = Tee az TOD ron 


k3 


Equating Eqs. (3.73) and (3.74), we solve the resulting relation 
for Zz: 

__ ky Rok3a? + r4b@ [ry (ro 4. rs) b —- kyk3a| (3 on 
= Tr rarsb® +1 hi (Fo + hs) b + Rahat 2.12) 


A2 


Now we find z from Equation IV: 


rab + Rp — r5b _ 
rs (3.76) 


From Equations (3.75) and (3.76) we exclude z and determine gq: 


_ k kokakya* + kokgkyrsab + ryrorarsb® + ryrarskyb? + rirskyRab? 
 RoR3kaRsa + ryreraryb? + ryrergksb? + rirak ksh + rykgkyksb 


Passing over to the rate of the observed reaction, we take into 
account that all the reactions proceeding by the mechanism (3.75) 
are interconnected and, hence, the rate of decomposition of me- 
thane must be equal to the doubled rate of decomposition-forma- 
tion of acetylene according to reaction (9), Le, 
arti == 2 {ks [C2H2] — rs [H2]} = 
9 Ri Rok3kyks [| CH, ]? — lyfofgfals [Ho]' (3 77) 
rirorats [H2]® + rireraks [He]? + ri (re + 3) Rahs [Ho] + Rokskykp [CHial © 
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In the absence of hydrogen in the early stages of the reaction 
Eq. (3.77) assumes the following simple form: 

d [CH,] 

dt 

that is, the reaction is first order, just as is observed experimental- 
ly, the appearance of the factor 2 being associated with the fact that 
the first reaction is followed by the second, faster reaction which 
also involves the methane molecule. 


= 2k, [CH] 


D CoH? Yo v. °/o 
100 


2 


§ 10 15 20 25 9 10 15 26 25 
1/V,hr/litre 1/V, hr/litre 


Fig. 3.5. The degree of conversion of Fig. 3.6. The degree of conversion of 

acetylene versus the reaction time. acetylene into solid products (/) and 

The unfilled circles on the calculated first: §4Se0ous derivatives of acetylene (2) 
order curve are the experimental data. versus the reaction time. 


Applying Eq. (3.77) to the equilibrium, we obtain the relation 
Rikokskaks —  [Ho]* 


lyfol3lals _ [CH,]? 


which may be regarded as the equilibrium constant for the forma- 
tion of methane from its elements. Determining the numerical 
value of this constant by the thermodynamic method, the author 
arrives at the conclusion that under the conditions of his experi- 
ments at a temperature of 760°C, the re-formation of methane, 
which starts with the synthesis of acetylene, does not take place. 
Therefore, the constant rs is small and all the terms containing 
it may be neglected. Besides, if the hydrogen concentration is con- 
siderable, we may neglect all the terms in the denominator, except 
the first one. Thus, in the presence of hydrogen 


d{CH;] 2k, kok. kyks [CH]? b [CH,}? 


dt rirorsrs [He]? [He]? 


The last equation indicates that the reaction is retarded by hydro- 
gen. Functionally it coincides with the empirically found relation 
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between the reaction rate and the hydrogen concentration 
[Eq. (3.72) }. 

Thus, the mechanism proposed by Kassel leads to kinetic 
equations that satisfy the empirical relationships. These coinci- 
dences should not be overestimated since, according to Kassel, 
the agreement between the mechanism and the observed kinetics 
does not yet prove the validity of the mechanism. The disagree- 
ment between the mechanism and the kinetics, however, proves, 
without doubt, its unsuitability. 

Decomposition of Acetylene and Ethane in the Glow Discharge. 
The reactions were investigated by Borisova and Yeremin in 1965. 
The decomposition of acetylene to Ac ii, 70 per cent obeys the 
first-order law (Fig. 3.9). The main reaction products are solid 
polymers and hydrogen; the gaseous derivatives of acetylene are 
formed in a considerably smaller amount (Fie. 3.6). 

The authors proposed the mechanism of the reaction initiated 
by an electron impact: 


(1) Coy +e —> GH+H+e b, 

(2) CoH, +H — > CoH-+ He Ro 

(3) CoH+ CoH, —> CH a 
wall | 

(4) H ——> mY Ho Rs 


The polymerization begins with process 3. The radical CyH3 formed 
in this process enters into reaction with one more acctylene mole- 
cule, etc. 

The stationary-state principle is applied to the hydrogen atoins 
and the radical CoH: 


aie = hy [CoH] + ko [CoH2] [H] — ks [CoH] [CoH] =0 (3.78) 
aa == k, [CoHe] — ke [CoHe] [H] — 2, [H] =0 


When determining the concentrations of C2H and H from these 
equations, we substitute them into the rate equation for the de- 
composition of acetylene: 


— NCAT = fey [Catia] + ho [CoH] [H] + hs [CoH] [CoH] (3.79) 


As a result, we obtain 


_ d{CiHy] 
dt 


ko [CoH] } (3.80) 


Re [CoHe] + Rg 
Equation (3.80) simplifies if it is assumed that under the condi- 


tions of the hindered surface recombination of hydrogen atoms 
(reaction 4) the constant k, is small as compared with the product 


= 2k, [CoHe] ‘! + 
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ky [CoH] and it may be neglected. Then 


_d [C2He] 


dt = 4k, [CoH] 


and the reaction is described by a first-order equation according 
to experimental data. It is interesting that the overall rate of 
decomposition of acetylene is equal to the quadrupled rate 9 
the primary act. 

The same authors have investigated the kinetics of decomposi- 
tion of ethane in the glow discharge. To account for the data ob- 
tained, the following mechanism has been suggested: 


(1) CoHy--e —> 2CH,; +e key 
<- 

(2) CoxHe +e — > CH; +t +e Ro 

(3) CoH, + H —> CoH; + H, k3 

(4) CH; + CoH, _> CH, + CoH, Rk, 

(5) CoH, +e —> CH, +H+e ks 
<- 

(6) CoH; +e — > CoH; + He+e Re 

(7) CoHs fe —> Col +H+e hey 

(8) H —> > H, le 


in which the main role is played by the activation of molecules 
and radicals by an electron impact, which is accompanied by the 
decomposition of the excited particles. 

The treatment of the mechanism by means o! the steady-state 
method gives the following simple expression for the rate of the 
decomposition of ethane: 


_ alCaHe] 


dt = (32, + Ro) [CoHs] +- 2k Ait te [ CoHe J? 
8 


Thus, depending on the conditions, there may be observed both 
first-order and second-order reactions. For instance, at low tem- 
peratures in the glow discharge the constant k3 may be found to 
be small, in which case the reaction will be first order. 

Synthesis of Ozone from a Mixture of Oxygen and Nitrogen. 
The synthesis of ozone in a barrier electrical discharge * in an 
ozonizer is described by an empirical equation of the following 


type: 
Atal = ky [Oo] — Rk, [Os] (3.81) 


* For reactions taking place in electrical discharges, see Chapter 11. 
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which seems to be an ordinary equation of a first-order reversible 
reaction. But, as has been shown by the investigations carried 
out by Filippov, the constant &o appears to be peculiarly depen- 
dent on the mole fraction of nitrogen, y,,, in the original mix- 
ture. This dependence means that the equilibrium-stationary con- 
centration of ozone, which results with a long reaction time, 
passes through a maximum with increasing y,,, The phenomenon 
has been accounted for by the activating effect of nitrogen. On 
the whole, the mechanism of formation-decomposition of ozone is 
described by a sequence of the following elementary processes: 


(1) Oo fe —> O+O+¢e ky 
(2) OF O2+M — 034+M Ro 
(3) O: +M —> O,+04M by 
(4) N, te —> Nite k, 
(5) N3+0, —> N,+0+0 ke 


(6) No5--N, —> No+N 


Processes 1 and 4 are collisions between the molecules and suffi- 
ciently fast electrons. In the first case, the O»2 molecule dissocia- 
tes into atoms, and in the second the nitrogen molecule passes 
into an excited state, No. The energy of excitation can be impart- 
ed to the oxygen molecule, which is thus dissociated (process 5), 
or it may be dissipated upon collision with another nitrogen mo- 
lecule (process 6). 

The stationary-state principle is applied to the oxygen atoms 
and the excited nitrogen molecules: 


cr = ke, [0,] — & [0] [O,] IM] + 2, [Os] IM] + 5 [N35] [02] =0 (3.82) 
and 
ALNo]  g 1N,] — &; [N3] [Og] — Be [N3] [Nj] = 0 
dp Ba [No] — ®5 [No] [92] — ®6 [N2] [No] = (3.83) 


In writing these equations it is assumed that the concentration of 


electrons, fe], is constant and may be included in the rate con- 
stant. Further, it is thought that the formation of oxygen atoms 
by reaction 3 is relatively insignificant and therefore the term 
ka[O3][M] may be ignored as compared with the other terms. 
Thus, from Eq. (3.82) there is obtained the steady-state concentra« 
tion of oxygen atoms: 


Ry Re [No] 
[O] = te IM) + TM) (3.84) 
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and from Eq. (3.83) we obtain the steady-state concentration of 
excited nitrogen molecules: 
___ Ra [No] 
Rs [Oa] + Re [No] 
The overall rate of formation-decomposition of ozone will be given, 
in accordance with the mechanism, by the equation * 

d [Os] 


[No] = (3.85) 


Tp Ke [O] [O02] [M] — &s [Oz] [M] (3.86) 
Substitution of Eqs. (3.84) and (3.85) into Eq. (3.86) yields 
St = fe + eo} lel — ee IMI[O] 3.87) 


This equation should be compared with the empirical equation 
(3.81). It then follows that the role of the constants in Eq. (3.87) 
is played by the quantities 


_ ki R- [No] 
ko= te + ke [No] + Rs [Oo] 
and 
ky =k, [MI 


The result obtained is in agreement with the expcrimentally estab- 
lished dependence of the formation constant for ozone, fo, on the 
composilion of the mixture, and also with the fact that the de- 
composition constant k; is independent of the composition. 

Thermal Formation of Hydrogen Bromide. Of great interest is 
the reaction of formation of hydrogen bromide studied by Boden- 
stein and Lind (1906): 


Ho -+ Bre (vapour) —> 2IIBr 


The study was conducted at temperatures between 230 and 300 °C. 
These authors found that, in distinction to the externally similar 
reaction of formation of hydrogen iodide, in this case the kinetic 
equation has a rather complicated form. Namely, 


4@{HBr] _ , [He] [Bro]? (3.88) 
dt 1. [HBr 
10[ Bro] 


The cause for this complexily of the equation remained unexplai- 
ned until the period 1919-1920, when at about the same time 
and independently of one another, three scientists, namely, Chri- 
stiansen, Herzfeld and Polanyi, suggested a mechanism explain- 
ing the complexity of Eq. (3.88). This mechanism allows for the 


* Reaction 3 is not taken into account for the formation of oxygen atoms 
but is necessarily included in the equation for ozone. 
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formation of free bromine and hydrogen atoms as intermediates. 
Namely, 


(1) Bro —» Br-o+Br Ry 
(2) Br+H,. —» HBr+H Ro 
(3) H+ Bro —» HBr+Br k3 
(4) H+ HBr — H+ Br ky 
(5) Br+ Br — Bro hs 


From a modern standpoint, there is an inaccuracy in this mecha- 
nism: it allows for a bimolecular recombination of bromine atoms 
into a molecule (reaction 5). The requisite participation of a 
third particle M does not alter the form of the equation. 

It is left to the reader to check out whether the application of 
the steady-state principle to the concentrations of free hydrogen 
and bromine atoms leads to an equation of the form (3.88). 

It may be noted, in general, that the appearance in the kinetic 
equation of the concentration raised to a power of !/. usually 
indicates the participation in the reaction mechanism of free 
atoms or radicals which are destroyed predominantly as a result 
of the recombination upon collision between them. The rate ol 
such a recoinbination, for example, reaction 5, in the mechanism 
under consideration is evidently proportional to the square of 
the concentration *. 

Rice and Herzfeld, who are the authors of the well-known mech- 
anism of the pyrolytic decomposition of ethane **, explained 
(1934) in a more general form why the observed rates in the 
complicated free-radical mechanism of decomposition of hydro- 
carbons are olten described by first-order equations. As an exam- 
ple, they cited the decomposition of a hydrocarbon M,, which 


* In my opinion, the use of the term “quadratic termination” in this con- 
nection is inadequate. 
** The detailed mechanism of the reaction is as follows: 
(1) CoHs —~> 2CH3 
(2) CH; + CoHg —-» CII, + CoH, 
(3) CoH, —>» CoH, +H 
(4) H+ CoHs — H2-+ CoH; 
(5) 2H —» He (a triple collision) 
(6) H+ C,H; — >» CoH, + He 
or C,H; 
(7) H+CH; —> CH, 
(8) CH3-+ CeaH; —> C3He 
(9) 2C2H; — > CyHyo 
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is associated with the formation of two unstable intermediates — 
the free radicals R; and ka: 


(1) M; —> Ri + Me Ry 
(2) R: +M, — RiH+ Ro Ro 
(3) Ro — Ri+tMs R3 
(4) Ri t+ Re —> MM, Ry 
By the principle of stationary states we obtain 
SURG = fy [My] — eo [Ma] [Ri + &s [Rol — Re (Ril [Re]=O (3.89) 
and 
at =ko[M,][RiJ — &3 [Reo] — 24 [Ril [Re] = 0 (3.90) 
Combining the two equations, we find that 
— ki[Mi] 
[Re] — Qk, [Ri] 


Substituting the value of [R.] obtained into Eq. (3.90), we obtain 
a quadratic equation for [Rj]: 
k3 


2k2 [Ri]? — &: (Ril — == =0 
°" ( ky : k 
kp +(e? + 8—— ', 
[Ri] = 3 Ako =) a i +| (qt 4ko a) + + sg 


Further, if the constant &; is small, we obtain approximately, 
neglecting the terms that contain the ratio k,/ko: 


~ ki k3 "lo 
[Ri] © see) 


Now, according to the mechanism, we may write for the rate of 
disappearance of M;: 
d{M '/a 
— SE =v] + ha PRD MG] = fs + te (SE) "ho 


which, as seen, is expressed by a first-order equation with the 
experimentally observed rate constant 


b at + (= “t 


In this connection, the reader should be warned once again that 
a distinction must be made between the molecularity, i.e. the 
number of molecules involved in the step leading to reaction, and 
the order of reaction. As seen from the examples given, many 
reactions that proceed by a complicated mechanism obey the 
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first-order law. They cannot however be called unimolecular; it 
would be pointless and highly erroneous. 

In conclusion, it should be noted that although the stationary- 
state principle is rather fruitful in the field of investigations of 
the mechanisms of complex chemical transformations, it alone 
cannot yet provide an unambiguous answer to the question of 
the correctness of the suspected elementary steps. Further exam- 
ples of its application may be found in Chapter 10 which is devotr- 
ed to the kinetics of photochemical reactions. 


3.7. The Application of the Basic Law of Kinetics 
to Reactions in Open Systems 


Chemical reactions are most frequently conducted in reactors 
operating under the conditions of gas flow (the synthesis of am- 
monia, cracking processes, etc.). In these cases, the volume of the 
reaction mixture may undergo changes and therefore here use 
must be made of the general definition of the reaction rate (1.4): 
1 dN 
VO dt 

We shall consider some of the specific features of mathematical 
equations for a reaction that takes place in the gas stream. Let 
us isolate mentally two planes | and 2 each of area | cm? in the 
stream, which are at a distance d/ from each other and are per- 
pendicular to the direction of the gas stream. We assume the 
temperature to remain constant along the entire length of the 
reaction zone. A possible diffusion transport of the substance is 
ignored. 

Let the linear velocity of the gas current be equal to U cm/sec 
for the first plane (first in the direction of the gas current) and 
the concentration of one of the reactants, Ai, be equal to ca, mo- 
les/em®. Then, ca, Udt moles of substance A; will cross the first 
plane in time dt. A different amount of the same substance can 
cross the second plane even if no reaction takes place because, 
for example, of the accumulation of the substance in the volume 
under consideration, the expansion of the stream, etc. Suppose 
that the following amount of substance A; will cross the second 
unit plane in the same time, dt: 


2 (ea,7) | 
LeU a) dl jdt 
Thus, the excess of the outcoming substance over the incoming 
quantity is 
9 (6a,¥) 
OL 


w= + 


dl dt 
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If the following reaction takes place in the system under con- 
sideration -_ 
VA, + vA, +... =v Ai + v,A.+ a 


then the amount of gas A; that entered the volume in question 
will differ from the amount of the gas that emerged because of 
the reaction having occurred too. Let the rate of the reaction in 
the given unit volume be W moles A,/cm®%-sec. Then, the total 
excess of the substance that emerged over the amount that ente- 


red will be 
0 (Ca,Z) 
al 


and will be equal to the change of the total amount of the given 
substance in the given unit volume, 1.c., 


di dt —wdldt (3.91) 


OC p- 
+> a! dt (3.92) 
Equating Eqs. (3.91) and (3.92), we obtain the relation 
OCy. 
— (¢,,U)-¥= ar (3.93) 


which is called the continuity equation and which expresses the 
law of conservation of matter. In a more general case of a non- 
linear problem the equation of continuity would have the form 


OC yp. 
l 
ot 


—div(¢, U)— i! == 
t 


We shall however be concerned here wiih a simpler problem, as- 
suming that the reaction takes place in a tube or reactor under 
stationary or steady-state conditions, when the same quantity of 
the reaction mixture is supplied into the reaction zone in unit 
time. It is obvious that the substance will leave the reactor with 
a constant velocity as well. Under such stationary conditions in 
the reactor there will set in a distribution of the reacting substan- 
ces that will be independent of time, i.e., for any substance in 
any volume element 


—_!=0 (3.94) 


Under these steady-state conditions the concentration of any of 
the participants and the linear velocity of the gas in a given 
cross section of the reactor will be unambiguously determined by 
the initial values and the distance / from the given cross section 
to the entry into the reaction zone: 


CA, = i (1), U= P (2) (3.95! 
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With account taken of Eq. (3.94), the continuity equation (3.93) 
is written as follows: 
d (Ca,¥) 
— —j = 70) (3.96) 


Performing the differentiation of the product (ca, VU), we have 


dc, 
Ay dU ___ 
— U — CA, Ties (3.97) 
All the quantities contained in this equation can be determined 
if the conditions of the process are specified. We now rearrange 


Fq. (3.97), introducing an expression for the concentration: 


co = (3.98) 


where Na,is the number of moles of substance Aj, passing through 
a given cross-sectional area in unit time, and V is the volume of 
the reaction mixture, which passes through the same reactor 
cross-section in the same time interval. We may also write an 
expression for the linear velocity of the gas: 


V 
U =— 3.99 
D (3.99) 


if o is the cross-sectional area of the reaction tube. 
Then we differentiate the concentration c; (3.98) with respect 
to the distance / from the entry into the reaction zone: 


ar es Sr (3.100) 


The resulting derivative dc,, /dl is then substituted into expres- 
sion (3.97). We get 
u 8a, yu Na, av dU 


Ym YU Ar av dU 3.101 
Vd VV dad ‘A, a” ” (3.101) 


Taking into account Eqs. (3.98) and (3.99) and assuming o to be 
constant along the entire length /, we become convinced that the 
second and third terms in (3.101) are equal and cancel out. We 
therefore obtain 


If Noa, moles of substance A; enters the reaction zone and 


x= (Noa, — Na,)/Noa, tepresents a fraction of it that has reacted 
from the entry into the zone to point / (x = degree of conversion 
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or the extent of reaction), then, obviously, 
and 


Substituting this value of the derivative into Eq. (3.102) yields 
the following expression: 


Noa, ax _ 
0 di 
which is the basic equation of the kinetics of any chemical reac- 
tion in the stream. Here it is written in a general form and ought 
to be detailed with the aid of the basic law (1.8). 
Thus, proceeding from expression (1.8), we may write for an 
irreversible reaction: 
Noa. dx 
; Xx 
a = ke? cic’, eee (3.103) 
where C1, Co, and cz are the concentrations of the reactants Aj, Ag, 
and As, .... And, accordingly, the following expression is deri- 
ved for a reversible reaction: 


Noa, ax 
9 dl 
Further in the text, for Eqs. (3.103) and (3.104) to be integrated, 
it is necessary to express the concentration ca, as a function of 


the distance /. The task is simplified if the reaction mixture may 
be regarded as an ideal-gas mixture. Then, the total volume of 


the mixture will be: | 
=) vy SE (3.105) 


y 4 ‘A o 
=k closes... — Ref? ch4 cy n.. (3.104) 


and, hence, the concentration 


C Sr eo .106 
A; LNs, RT (9.100) 


Here ») Na, is the total number of moles of gaseous substances 


(both the reactants and products) that pass through the given 
cross-section of the reactor in unit time, and P is the pressure 
which depends, in a general case, on the distance J, i. e., 


P=» (i) (3,107) 
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The total number of moles, D>, Nays may be represented in the 


form of the following function of the degree of conversion x of 
substance Aj: 


LNs, = Moa, (a + Bx) (3.108) 


where Noa, is the initial number of moles of the substance per 


unit time; a is the inverse value of the mole fraction of substance 
A; in the original system, i.e., 


dM, 


(3.109) 
Noa, 


0 


and 6 is the change of the number of moles of gases in the reac- 
tion, which is calculated per one mole of substance Aj, i.e., 


/ 

Y Me 3 vt V2 V3 _ Dutinat ¥; — Duinitiat ¥ 
Vv, v 

(3.11) 


When integrating kinetic equations (3.103) and (3.104) one must 
also know the mode of the change of pressure along the reactor, 
i.e., the function P = »(/). Usually only the quantity AP is spe- 
cifled, which is the difference between the pressures at the en- 
trance and the exit of the reaction zone and if may be assumed that 
the pressure drop along the reactor is uniform, P = Po(! — al). 
It often suffices to assume the pressure in the reactor to be con- 
stant, putting AP =O. We shall confine ourselves to this last 
approximation. 

And, finally, when integrating Eqs. (3.103) and (3.104) it is 
necessary to know the rate law expressing the dependence of the 
reaction rate on concentrations. We shall consider here only one 
of the simplest cases, namely, a first-order irreversible reaction 
since many cracking reactions of individual compounds belong 
to this category: 


A=vA;+v,A,+ ... 
Equation (3.103) then assumes the form 
ax No, (1 — x) P 


N —____ = kl, =k 
CT dL Na RT 


In this particular case, @ from expression (3.109) is equal to 
unity and therefore 


2a Na, = Noa (+ BX) 
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Thus, 

dx _ (l1—x)P 
p dl (1 + Bx) AT 
OI 


RT dx (1+ Bx) 
NoA—p_ P l1—x 


= ko dl (3.111) 
In Eq. (3.111) the variables are separated and it remains only to 
integrate this “we from 0 to x and from 0 to TZ: 


No Yi-a—sB) In (1 — x) — Bx] = Rol = kV (3.112) 


A ace 
where V = ol is the volume of the reactor. 

In kinetic studies, a series of experiments are usually conduct- 
ed, in which the reactant Aga is fed into the reactor at different 
rates, and the correspond- 
ing degrees of conversion, 
x, are determined. 

Equation (3.112) is 


X=Nga & 


rearranged, following 
which it has the form 
l 
Noat =— Noa 7X 0 
a ‘Y =-Noa' 2.308 Log({- x) 
% In (l= x) — ke (3.113) + 
or 


X=BY+C (3.114) | 
Fig. 3.7. The kinetics of a first-order re- 

if the following notation action in the stream. A linear anamorphosis 
is introduced: X = Noax of formula (3.113). 
and Y=—WNoa In(1—%). 
Then, a graph is plotted, which shows the dependence of X on Y 
(Fig. 3.7). If a straight line is obtained, this is an indication 
that the assumption of first order is correct. The slope of the 
Straight line, tana (I+ B)/B, is used to find the coefficient B, 
owing to which it is not necessary to know the exact composi- 
tion of the reaction products and to use Eq. (3.110). On the other 
hand, the Oa intercept is equal to —kpV/BRT. Hence, knowing 8, 
the reactor volume V, the pressure and temperature, we can find 
the rate constant &. 

We shall not consider other, more complicated cases here; the 
reader is referred to the original literature. 

In conclusion, let us examine the simplest variant of a first- 
order reaction when it yields a single product, i.e., 


A — A’ 


96 Ch. 3. Application of the Basic Law to Complex Reactions 


In such a case, a9 = 1 and B = O and Eq. (3.113) simplifies even 
more: 


RT 
Noa py |- In(l—x)]=R 


Here NoaRT/p = v, i.e., is equal to the volume of the gas that 
passcs through the reactor per second. Evidently, o/V = 1/t, 
where ¢ is the so-called time of contact. In this connection, we 


obtain the equation 


fin 
t l— x 


=k (3.115) 


which coincides in form with the simplest equation for a first- 
order reaction [Eq. (2.4)]. This is understandable since both 
equations have been obtained on the condition that the volume 
of the reacting system remains constant. 


CHAPTER 4 


Effect 
of Temperature 
on Reaction Velocity 


As known, the velocity of the vast majority of chemical reac- 
tions, with extremely rare exceptions such as the third-order oxi- 
dation of nitric oxide, increases rapidly with rise of temperature. 
It is exactly for this reason that heating is so widely used in 
chemical practice. It is important through what factors the tem- 
perature exerts an effect on reaction velocity. As a matter of 
fact, according to the basic law of kinetics, the reaction velocity 
is determined by the product 


— BP 4 
Ww —_— RCC} eee 


Thus, the temperature may, in principle, has an effect through 
a change in the concentrations, the exponents p, g, ..., and, 
finally, through a change in the rate constant &. Experiment 
shows that the possible change of reaction velocity caused by the 
first two factors is insignificant. The rate constant is affected 
most strongly by temperature; that is why, when speaking of the 
effect of temperature on reaction velocity, one usually implies 
the change of the rate constant. 

The ratio of the rate constants found for a given reaction at 
temperatures ¢f and f+ 10°, Restoc/k;, will be called here the tem- 
perature coefficient of the reaction rate. According to a simple 
empirical rule, the temperature coefficients of reaction velocities 
range from 2 to 4. In other words, an increase of 10° tn tempera- 
ture results in a 2- to 4-fold increase in the velocity of a chemical 
reaction. In the last formulation, which is, as a matter of fact, 
identical with the first, the regularity is known as the van't Hoff 
rule. 

Since the temperature rarely changes by exactly 10°, it is use- 
ful to write the ratio of the constants at any two temperatures 


by expressing it in terms of the temperature coefficient: 
Rr nto 
Rp 


where m may be positive, negative or fractional. 


=y" (4 1) 


4—%4 
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The van’t Hoff rule provides a semi-quantitative characteristic 
of the effect of temperature; it is approximate and has been estab- 
lished for reactions in solutions, which proceed vat relatively low 
temperatures. With rise of temperature y does not remain con- 
stant: 1t diminishes and tends to unity. 

The temperature dependence of the rate constant is more pre- 
cisely expressed by the Arrhenius equation: 


Ink=—2+C (4.2) 


it Which B and C are assumed to be tempcrature-independent 
constants characteristic of a particular reaction. Formula (4.2) 
which was originally derived by Svante Arrhenius in an empiri- 
cal way is justified by a very large body of experimental data 
that refer to the diverse reactions both in gases and in solutions. 
It can also be obtained theoretically, as will be shown later, on 
the basis of certain thermodynamic premises and of the kinetic 
theory itself. 

Let us now determine B and C from the values of the rate con- 
stants at two temperatures. Thus, for the decomposition of hydro- 
gen iodide we have: 


T. K k, em?-mole7!-sec—! log k 
5D6 0.0003516 —3.454 
781 39.54 1.597 
On the hasis of Eq. (4.2) we write the ratio of the rate con- 
stants: 
| ie _ 3 ( 7 ) 
N R, ~ T, i 
Or 


__ 2303 (log hy — 0g ha) Tra __ 2.808 (1.597 + 3.451) 71K 959 99 yay 


2 TT, — 1» 781 — 556 


Now we shall determine the constant C at the two temperatures: 
78i C= 2° 4) 
556° C= 32.43 


The values obtained are almost the same, which is an indication 
that C is really constant over a wide temperature range. 

Thus, the temperature dependence of the rate constant for the 
decomposition of hydrogen iodide may be written in the final 


form (4.2): 


22,459 
“5 - + 32.43 (cm*+ mole! - sec—!) (4.3) 


Ink=— 


Using relation (4.3), we can perform a simple, but interesting, 
calculation. The decomposition of hydrogen iodide proceeds with 
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a velocity convenient for measurements over a temperature range 

of 556-781 K. Let us determine the reaction rate constant at 100°C 
(373 K). 

22,450 

373 


Ink=— + 32.43 


OF 


—16 


kR=8 83 X io '° em'/mole -sec = 8.83 * 10 litre/mole-+sec 


We now calculate the half-life of hydrogen iodide at this temper- 
ature, assuming the initial concentration to be equal to a= tC = 
= | mole/litre. Since this reaction is second order, we obtain from 
formula (2.19): 


= — = sanvac won wae = 7 ve; 
(Tuy )ir = Ge 8.83 X 3600 X 24 X 365 > LO" years 


Thus, without delving into the details of the thermodynamics of 
the process, we see that at 100°C half of the volume of hydrogen 
iodide taken for the reaction would decompose in 36 million years. 
This is an astronomical period of time and there is absolutely no 
hope that at least traces of the decomposition will ever be detect- 
ed. Such decreases of reaction velocity with decreasing temper- 
ature often lead to what is known as the kinetically frozen states. 
Thus, for example, a mixture of hydrogen and oxygen at room 
temperature is thermodynamically unstable and must be comple- 
tely converted into water. To put it in a different way, in such 
a system there must occur processes leading to an equilibrium 
state. As might be expected, they do take place but proceed at 
such velocities which do not allow any changes in the system to 
be detected in a time period convenient for man In the case of 
a kinetically frozen svstem, one sometimes speaks of a false 
equilibrium. This term is hardly suitable, the more so that, for 
example, when a suitable catalyst (spongy platinum tn the case 
of oxyhydrogen gas) is used, the kinetic retardation is often eli- 
minated and then the velocity of the reaction may be very great. 
The true state of equilibrium is not influenced at all by the catla- 
lyst. 

Arrhenius substantiated his equation theoretically, proceeding 
from a thermodynamic relationship known as the van't Hoff iso- 
bar or isochore. The van’t Hoff formula is known to express the 
temperature dependence of the equilibrium constant: 


din K, Q 


dT RT? (4) 


Here we shall consider the original thermodynamic derivation ol 
the Arrhenius equation since it allows one to understand well 
the effect of temperature on reaction velocity. 


4* 
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The basic assumplion made by Arrhenius consists in that rot 
all the molecules can be involved in a reaction but only those 
which are in a special tautomeric form or active modification. 
Such activated molecules are formed from ordinary, normal mo- 
lecules endothermically, i.e., with absorption of heat E, (cal/mo- 
le). Consider, for example, the reaction 


A — B 


the velocity of which is expressed by the empirical equation 


d {|B 
Sit me Rf , 
ao =k (4.5) 
where & is the observed rate constant which increases with tem- 
perature. According to Arrhenius, this reaction should be written 
in the form of two consecutive processes: 


A + Ey —— Ane _—_> b (4.6) 


The second assumption made by Arrhenius is as follows. The 
formation of an activated molecule is invariably a reversible reac- 
tion; the concentration of the activated molecule corresponds toa 
the thermodynamic equilibrium and it may, in principle, be de- 
fined through the equilibrium constant. Here it is evidently as- 
sumed that the conversion of the active modification (activated mo- 
lecule) to the final product occurs relatively slowly and therefore 
the equilibrium concentration has time to be regained. 

The third assumption is that the concentration of the active mo- 
dification is always low and its formation practically has no bear- 
ing on the concentration of original molecules. In this connec- 
tion, the equilibrium constant for the first reversible step of 
reaction (4.6) may be represented in a simplified form: 

k= acl or [Ayct] =A, [A] (1.7) 
The jisochore equation (4.4) may be applied to the equilibrium 
constant Ae: 
dink, Ey 


dT  —_ RT? 4) 


The fourth and final assumption states that an activated mole- 
cule, once formed, is converted into the final product at a velocity 
which does not depend on temperature. Thus, according to Arrhe- 
nius, the role of temperature boils down to shifting the equilib- 
rium between the normal and activated molecules, as a result of 
which the concentration of the latter increases. Taking into ac- 
count the assumptions listed above, we may write the rate of 
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formation of the product: 
d[B] 
dt 


= const [A | = const K, [A] 


act 
but, by virtue of Eq. (4.5), this velocity is equal to Rk[A]. 

Hence, according to Arrhenius, the rate constant k observed 
experimentally is expressed by the product of the equilibrium con- 
Stant K- and some other constant independent of temperature, ie., 


k = const K, (4.9) 


Taking logarithms and differentiating Eq. (4.9) with respect to 
temperature, we obtain: 
dink dink, 
dT — aT 


(4.10) 


It is obvious that the derivative on the right-hand side may be 
replaced by the expression from Eq. (4.8). Thus, the following 
relation results: 

dink Ey 


dT RT 4.01) 


which is the Arrhenius equation in differential form. 

The quantity &, which has the dimensions of energy per mole 
and is the heat of formation * of one mole of the activated mole- 
cule (active modification) in accordance with Eq. (4.6) was 
termed by Arrhenius the heat or energy of activation. For reasons 
that will be clear at a later time, we shall call E, the experimen- 
tal energy of activation. 

Now we integrate Eq. (4.11), assuming E, to be constant: 


*A (4.12) 
Ink=—BRre 1. 


where C is the integration constant which is independent of tem- 

perature. Comparing Eq. (4.12) with the Arrhenius empirical 

equation (4.2), we become convinced that they are in full functional 
agreement. Further, evidently 

Ey , , 

B=—,- ot E,=BR (4.13) 


For the decomposition of hydrogen iodide B = 22,450 and hence, 
E, = 22,450 X 1.986 = 44,560 cal/mole 


Thus, for one mole of an activated molecule of hydrogen iodide 
to be formed from the normal molecules, it is necessary to con- 
sume 44,560 cal. 


* Here the thermodynamic convention is adopted—the heat absorbed is con- 
sidered to be positive. 
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The Arrhenius equation is often represented in the following 
exponential form obtained from Eq. (4.12): 


~EQ_/RTHC CERT _ , 0-4313C Eq /RT 


k=e 10 (4.14) 


Thus, the rate constant is expressed by the product of the pre- 
exponential factor (o1 the frequency factor) *, which does not de- 
pend on temperature at a first approximation, and the exponential 
function which determines the temperature dependence. The follow- 
ing notation is usually introduced for the pre-exponential factor: 


Hence, the rate constant may be represented in the forin 


—E,y/RT 


k = Ae (4.15) 


So, for the reaction of decomposition of hydrogen iodide we 
obtain the formula 


a io!" ° eT N.560°RT (cm” mole! : sec”) 


which satisfactorily describes the data given in Table 4.1. Analo- 
gous equations containing other constants are obtained for other 
reactions. Thus, for example, the dependence of the rate of the 
first-order reaction 


NO; — > NO, -- = Or 
is expressed by the relation 
k= 4.95 < 19!3——24.710/RT (sec ') (4.16) 


Table 4.1 compares the experimental values of the constants with 
the values calculated from formula (4.16). 

As can be seen from the data given in Table 4.1, Eq. (4.16) too 
defines satisfactorily the temperature dependence of the rate 
constant. 

Now let us determine the experimental activation energy. The 
previously employed method of calculating Es, from two values 
of rate constants is not reliable. Use is more often made of the 
graphical method. In compliance with Eq. (4.2), the function 
Ink =f(1/T) should give a straight line on the graph. I[t is the 
graph of Ink (or log) versus the inverse temperature which is 
plotted in practice (Fig. 4.1). The y intercept is equal to the con- 
stant C, and the constant B is determined from the slope: 


tana=—tanpB=—B 


Or 
tanf=B8B 


* It is sometimes referred to simply as the A-/actor. —Tr, 
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TABLE 4.1. Comparison of the Rate Constants Calcutated 
by the Arrhenius Equation (4.16) with Experimental Values for the Reaction 


I 
N2O; —>» N2O, + o O2 


Ry. sec! Ry, sec 7! 

T, K T, K 
experimental calculated experimenta! calculated iy 
data by formula (4.16) data formu'a (4.101 
273 7.87X107° | 7.67107" 313 247X107° | 254x107! 
288 1.04107" | 0.82x107° 318 4.98x107* | 4.739107! 
9035 1.76107" | 1.72¢107° 393 7.59x107° | 8.80%107' 
998 3.38107” | 3.43x107° 398 150107° | 1.60107! 
308 135xX107° | 1.31107' 338 4.87107 | 4.84«K107° 


——— 


In some cases, the dependence of the rate constant on tempera- 
ture is more complicated, as shown, for example, in Fig. 4.2. Such 


Ln k 
200 = 1400 =Ss«t600~=—Ss«1800 1900 i 1/T 
(1/7)108 
Fig 41. The effect of femperature Fig. 4.2. The effect of tempzra- 
on the rate constant of the de- ture on the rate of a complex re- 
composition of hydrogen iodide. action: 


{—the reaction with a lower Eg predo 
miinates; —i‘he reaction with a gieca- 
ter Eg predominates. 


a relationship indicates that the reaction is complex: it consists 
of two or more reactions which depend on temperature in different 
ways. The plot shown in Fig. 4.2 should be interpreted as one 
consisting of two intersecting straight lines with different 
slopes B. At low temperatures the reaction with a lower value of L4 
predominates; at high temperatures it is the reaction with a lar- 
ger value of E, that prevails. Such a plot has been obtained, for 
example, in a study of the interaction of hydrogen and sulphur. 
In the experiments carried out by Norrish and Rideal, the reac- 
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tion vessel contained simultaneously liquid sulphur and its va- 
pour. It was found that the reaction can take place with hydrogen 
interacting both with gaseous as well as liquid sulphur. In ihe 
former case, E, is considerably greater. Therefore, curve 2 in 
Fig. 4.2 corresponds to a homogeneous reaction. 

But what are the values of the activition energy for different 
reactions? The most usual values of £, for reactions between 
bond-saturated molecules are tens of thousands of calories per 
mole (Table 4.2). 


TABLE 4.2. Experimental Energies of Activation for Selected 
Reactions of Bond-Saturated Molecules 


Ea. kcal/mole 


Reaction 
Ohl —+» H,+ I. 44.56 
Ho + Io —> 24! 39.6 
2NOCI —> 2NO + Cl. 26.5 
I 
N,Q. —» NoO, + 3 O2 24.7 


It should be noted that the values given are based exclusively 
on experimental data since for reactions between bond-saturated 


TABLE 4.3 The Energy of Activation of Selected Reactions Involving 
Free Atoms and Radicals 


Ea, Kcal/imo'e 


Keaction 

H-+ CH, —~> H,-+ CH; 13 
H + CoHg —~> Hy, + Cals 9.9 

H-+ Cl, —> HCI+ Cl 2 

H + [, —> HI + 0 
H + HC! —>H,+ Cl 49 
H -+ fIBr —»> H,-+ Br 1.2 
H + HI —>H.-+ |! 1.5 
OH -+- CH, —»H,O + CH, 8.5 
OH + C2Hs —»> H.O + CoHs 2.0 
CH, + CH, —> CH, + CHs 11.2 
CH, + CoHg _— > CH, + CoHs 10.4 
Cl ++ He —»> HCI +H 5.6 


Br -+ Hy —> HBr + H 1.2 
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molecules there have not been established simple regularities 
relating the energy of activation to some other characteristic of 
the reaction, say, to its heat. 

Of great importance to kinetics is the decrease of the energy of 
activation upon passing over to reactions involving free atoms 
and radicals (Table 4.3). 

At identical temperatures the reaction with a lower enerey of 
activation proceeds at a faster rate. Therefore, many reactions 
occur by elementary mechanisms with the participation of free 
atoms and radicals. Lvans and Polanyi (1938) indicated tha 
existence of a relation of the following type for such reactions: 


where A and @ are constants which are, generally speaking, difle- 
rent for different reactions, and Q is the heat of reaction. Consid- 
ering that the accuracy of determination of Ea, is not high enough 
for free radical reactions, N.N. Semenov, however, thinks it. pos- 
sible to suggest a general relationship between the energy ol! ac- 
tivation and the reaction heat: 


E, = 11.5 — 0.251 Q| (kcal/mole) 


CHAPTER 5 


Elements 
of Statistical 


Thermodynamics 


5.1. Entropy and Randomness of the State of a System 


The second law of thermodynamics states the existence of a 
certain property of a system *, S, associated with heat exchange 
and a temperature at which this heat exchange takes place: 


dS = —~— (0.1) 


or, for an isolated system in the apsence of heat excharivge, 
dS 0 (0.2) 


The property S is known as the entropy. The meaning of rela- 
tions (0.1) and (5.2), which were introduced by Clausius and 
which are a mathematical expression of the second law of ther- 
inodynamics, consists in that an inerement in entropy may be 
either equal to the reduccd heat (for cquilibrium-reversible pro- 
cesses} or greater than ihe reduced heat (for non-eguilibrium pro- 
cesses). Thus, entropy is as-ociated, on the one hand, with heat 
exchange and, en the ether, with irreversibility. In this lies the 
dual nature of entropy, which undoubtedly makes it difficult, at 
the very outset, to grasn the physical significance of this most 
important thermodyvnanic friiction. It appears, however, that it 
is this dualitv that helps one to eventually understand entropy 
but not from the standroint of the Clausius classical prepositions 
but from the viewpoint of molecular statistics developed at a 
later tirne. 

Deferring for a while the quantitative treatinent of the problem, 
we shail note that the dual nature of cntropy can easily be 
understood if use is made of the coneepts of the atomic-molecittar 
structure of matter and if the state of the system is treated from 
the standpoint of the ordered-disordered metion or state of its 
constitucnl particles. 

An example of, so to say, the ideal orderliness of molecular 
structure may be cited a well-developed crystal of a pure sub- 


* That ts, a unique tunction of the stale parameters ef a system. 
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Stance (Say, ol a metal) at a temperature close to absolute zero. 
As known, the atoms (or molecules) in such a crystal are ar- 
ranged at some definite points in space, the crystal-lattice points, 
near which they perform identical vibrational motions with the 
so-called zero-point energy. According to Planck (the third law 
of thermodynamics) the entropy of such a crystal is equal to zero. 

The ideal order is disturbed if the body is heated. On moderate 
heating an ever increasing number of particles appear, which 
vibrate with diflerent energies, the tnean position of particles in 
lattice points being still retained. The disturbance of the order 
(or the increase of disorder) associated with the heating of the 
body, leads to an increase in the entropy: 


where C is the heat capacity. 

The phase transitions solid = liquid and liquid = vapour, 
which are associated with the breakdown of the crystalline struc- 
ture (melting) and with the formation, during the evaporation, of 
a system of weakly interacting and chaotically moving particles, 
are accomipanied by an isothermal absorption of heat and a sharp 
increase in the entropy of the substance: 


Af] AH 


‘ melt evap 
—=———— and AS, =——<*P 
melt T elt evap Tevap 


AS 


The value of AS is particularly high in the latter case, i.e., in 
the formation of the most disordered, chaotic state of aggregation, 
the vapour or gaseous state. Thus, there evidently exists a cer- 
tain parallelism between the absorption of heat by the system, the 
increase in the disorder of its molecular structure, and the increase 
in the entropy. All the processes described above can be made 
to proceed reversibly, in which case we may utilize relation (5.1) 
with an equality sign. 

But, according to Eq. (5.2), the increase in entropy of the 
system is also possible without any heat exchange in non-equilib- 
rium processes. Suppose, for example, that in an isolated system 
there is a mechanism containing a compressed (“wound") spring 
and a device that releases it at a specified moment. When released 
the spring would be able to perform work, for example, would 
compress another spring and in this case, under the conditions of 
complete equilibrium, the entropy of the system will remain con- 
stant [the equality sign in relation (5.2)]. But the simply re- 
leased spring uncoils without performing work. The potential 
elastic energy stored in the spring—the energy of the “ordered’ 
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State—-1s transformed into the energy of the random motion wf 
molecules, i.e., the system is heated. In such a non-equilibrium 
process the disorder of the molecu:ar state of the system also 
increases and its entropy increases as well, but this time in the 
absence of absorption of heat from outside. 

Let us consider, as a further example, an electric storage bai- 
tery close-circuited automatically in an isolated system for re- 
sistance. In this case, the organized and directed energy of the 
electric battery, which could, in principle, be utilized for the per- 
formance of work, is transformed into Joule heat. The disorder of 
tne molecular state of the system is increased. The entropy is 
thus increased as well. 

By way of citing more examples, one can be convinced that in 
any non-equilibrium irreversible process there takes place the 
conversion of any organized form of energy (capable, generally 
sseaking, of being converted quantitatively, by way of performing 
werk, into another, also organized form) into the disordered ener- 
gy of the random motion of molecules. In other worcs, in any such 
process the molecular chaos and, hence, the disorder of the mole- 
cular state of the system increases. 

Thus, the cntropy of the system increases in parallel with the 
increase of the chaos or “mixtupness” of its molecular state, 
irrespective of whether this disorder is associated with the absorp- 
tion of heat or with the conversion of the organized energy inio 
heat. Hence, the entropy may be regarded, Irom the qualitative 
standpoint, as a measure of the disorder (“mixtupness”’) of the 
molecular state of the system. 


5.2. Macro- and Microstates of the System 


The state of a system defined by a set of its thermodynamic 
properties, such as temperature, pressure, specific volume, etc., 
can now be coiveniently called the macrostate in contrast to the 
microstate. The latter would be known if we, first, determined thie 
spatial position of each molecule with the required degree of 
accuracy, i.e. its coordinates q,, q., g,-.. 4; (altogether, f coor- 
dinates), and, second, established the mode of motion of each 
molecule at a given instant of time, i. e., if we indicated the 
momenta conjugated with the coordinates indicated, pi, Pe, p3... 
p,; (altogether, | momenta). 

Since the molecules are in motion and are colliding with one 
another, exchanging momenta, it is obvious that to a given mac- 
rostate there will, generally speaking, correspond a large number 


* In the simiplest case of a monatomic gas, three rectangular coordinates 
and, accordingly, three impulses will suffice. 
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of microstates. It is essential that the number of microstates be 
limited so that it is not infinitely large. For this to be done, it 
will suffice if we determine the coordinates and momenta of the 
particles not with absolute accuracy but only with the indication 
that these characteristics lie within the limits from 9g; to 9g; + dq; 
and froin p; to p; + adpj. 

It will be convenient to introduce the concept of a multi-dimen- 
sional space which has 2/ dimensions, accordingly with f space 
coordinates and | moinenta. A point in such a phase pu-space will 
precisely define all the 27 characteristics of the molecule. To ren- 
der a multitude of macrostates countable, the phase space is di- 
vided into elementary cells having the volume *: 


@=dq,... dq, - dp, ee dp; 


and the state of the molecule is regarded as sufficiently definite 
if the corresponding representative point is in a given elementary 
cell. 

In Boitzmann classical statistics, the macrostate of a system, 
for example, of any ideal gas, is characterized by indicating the 
number of representative points in the various cells of the phase 
space. For the microstate to be characterized in classical statis- 
tics, it is also necessary to specify the representative points of 
which molecules are in each cell. In other words, molecules are 
considered to be distinguishable and the interchange of two mo- 
lecules which are in different cells will produce a new microstate 
without altering the macrostate. 

Thus, the number of microstates corresponding to a given mac- 
rostate can be calculated if we find the number of different ar- 
rangements of representative points in cells. 

Suppose a system consists of N molccules and to its macrostate 
there correspond AN, representative points in the first cell, N%» 
points in the second cell, and so on, and, in general, N; points in 
the ith cell. Since the interchanges of positions within a cell are 
disregarded (they do not give rise to new microstates), the num- 
ber of microstates is found as the number of exchanges with 
recurrences: 

Nt 
C= TINg ... Nat (9) 
It will be useful to illustrate the method by a simple example. 

We shall only consider the distribution of molecules in an 

ordinary three-dimensional space. We shall confine ourselves to 


* In quantum statistics, using Heisenberg’s uncertainty principle, dq-dp > A, 
ii is assumed that wm = Al. In classical statistics, the volume of an elementary 
cell remains undetermined. 
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six molecules and three cells 


The above diagram shows two macrostates: I in which all the 
nolecules are in one cell and Tf in which the molecules are uni- 
formly distributed among all the cells. The number of microstates 
corresponding to the tirst macrostate is equal to unity: al] the 
molecules are in the first cell, and the exchanges of positions 
within the cell are disregarded. For the second macrostate we 
calculate G from formula (5.3): 


6! 
2! 2! 2! 


G= = 90 


that is, the second macrostate can be obtained in 90 ways, accord- 
ing to classical statistics. Even from the most general consid- 
erations it must be clear that the second state must be realized 
much more frequently. The number G calculated by the method 
described above from formula (5.3) is also called the number of 
arrangements. 


5.3. Thermodynamic Probability and Entropy 


Statistical thermodynamics is based on the hypothesis of equal 
a priori probabilities: all the microstates of a system, which are 
compatible with the specified conditions (for example, with the 
condition of constancy of energy), are mathematically equally 
probable. At first glance, one may think that this hypothesis can- 
not correspond to reality. Indeed, let us compare two microstates 
of a mole of a gas. Suppose that in one state the gas mole oc- 
cupies the entire volume of the vessel, say, 10 litres, and that its 
molecules are in chaotic motion. We shall assume that this mic- 
rostate corresponds to an equilibrium macrostate. In the other 
miicrostate all the molecules accumulate in a volume of LI cm? 
and are moving in parallel. Suppose that the spontaneous tran- 
sition from the first equilibrium state to the second, non-equilib- 
rium state is really difficult. But, nonetheless, the hypothesis of 
equal probahilitie,s leads to carrect cocsequences and is evidently 
valid. The point is how often each of the microstates is encoun- 
tered. 
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io understand the essence of the problem it is useiul to resort 
to a pack of 52 cards. Imagine also a machine that shuffles the 
whole pack once per second. As a result of this procedure, there 
may obtain any distribution of cards, including the ordered arran- 
gements by seniority and by suits. The probability of any distri- 
bution (a “microstate’) is equal. But the ordered distribution is 
the only one, and the number of disordered arrangements is 


52! == 10°°? 


With the frequency of change of combinations being 1 sec—! each 
of these combinations, including the ordered one, will be encou:- 
tered once in 10° years. Likewise, we could also compare the 
“recurrence” or the “waiting time’ of the above-indicated micro- 
states of the gas with the only difference that for a non-equilib- 
rium State it is so enormously great that it is difficult to express 
it with the aid of ordinary methods of writing numbers; we may 
write, say, the number 10° raised to the power of 10°, but this 
will give little. 

The conception of microstates and of their equal prohabdiliiies 
and also of the fact that to different macrostates there may cor- 
respond different ntmbers of microstates, leads to the idea of the 
thermodynainic probability for a state (a macrostate), W: 


W =const:G 


that is, the thermodynamic probability of a stats is preportional 
to the number ci microstates corresponding to a given macrosiaie. 
Moreover, we may assume the proportionality 1 factor lo be equal 
to unity and regard W as the retative probability, ie, the probs 

bility of any particular state with respect to the pi robabi! ity oI 
some standard state. The quantily W may also be regarded as the 
numerator of the mathematical proba bility, the denoniinator 
which is the nuinber of all the microstates conceivable for a Sh 
ven system, which are compatible with the laws olf conservation. 


Thus, 
Wi=G >| (5 1} 


the value of W being very great for ordinary molecular systems 
in a state of equilibrium. 

The statistical meaning of the second law of thermo odynarics 
consists, according to Boltzmann, in that an isolated system un- 
dergoes evolution predominantly in the direction of a greater 
thermodynamic probability. To put it in a different way, the Se 
cond law of thermodynamics has no absolute value as the first 
law since the spontaneous formation of non-equilibrium states, 
say, the self-compression of a gas, is not absolutely impossihbie. 
The thermodynamic probahility of sich stutes is simply very low 
(they are represented by a small number of microstates) and the- 
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refore they are probably realized very rarely. As can be shown, 
the thermodynamic probability of a state of equilibrium for ordi- 
nary molecular systems, say, a gas mole, is found to be many 
times greater than the sum of thermodynamic probabilities of all 
possible non-equilibrium states: 


W (eq. state) > » W inon-eq. state) 
a 


Thus, the system undergoes evolution to the side of an increase 
in the thermodynamic probability, and the equilibrium state cor- 
responds to the greatest, maximum value of W. But it is exactly 
in this manner that the entropy of an isolated system is changed. 
Therefore, these quantities must be interrelated, i.e., 


S =] (W) 
To establish the form of this function, let us consider two indepen- 
dent systems with the probabilities of states W; and Wo. If a new 
composite system is built up of these two systems, its thermody- 


namic probability will be expressed, according to the theorem of 
multiplication of probabilities, by the product 


vV—W.W, (5.5) 
The entropies of the systems taken separately are functions of 


the probabilities: 
S;=/(W,) and = S,=/} (We) 


and the entropy of the composite system is equal to the sum of 
these entropies since S is an extensive, additive property of the 
system. So, 


(5.6) 


S=S,-+ So 
OF 


f(W) =F (W1) +7 (We) 
Likewise, according to Eq. (9.9), 
P(W Wo) =] (Wi) +7 (Wo) 
The last expression is then differentiated first with respect to Wy: 
Woof’ (Wi We) =] (W1) 
and then with respect to We: 


Po (WW) + WV Woof” (WW) = 0 


or 
Ph (W) + Wy" (W) =0 


The last equation is rewritten in the following form: 
Ph (W) _ 4 MW) wy —— 2 


ED 


I+ Vr = i7(W) W 
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Integrating, we find 

Inf’ (W) =—InW+1nk=—In — 
in which expression In& is the integration constant. Since with 
the logarithms being equal the logarithmic expressions are also 
equal, we may write down: 


k 
fr’ (W) = 77 


or, multiplying by dW, 
(Ww) dW =k —— 


Integrating once again, we obtain: 


}(W) =k In W + const 


OF 
S=khIinW-+ const 


But, by virtue of Eq. (5.6), the integration constant is here equal 
to zero. Therefore we can finally write the equation 


S=kinW (5.7) 


which establishes the relation between the entropy and the ther- 
modynamic probability, i.e., the equation known as the Boltzmann 
equation. It is the fundamental equation in statistical thermody- 
namics. In Eq. (5.7) the constant & is, strictly speaking, arbitra- 
rv, but we are interested in selecting a value 
of this constant such that the entropy de- 
termined by this equation coincides with the 
ordinary, so to say, “thermodynamic” entropy 
of the second law. 

Let us examine the process of isothermal 
expansion of an ideal gas from volume V, 
to Vo. According to Eq. (5.7), the change of 


S will be given by the equality Fig. 5.1. Concerning 
WV the determination ol 
2 


V7 (5.8) Boltzmann's constant. 
l 


AS =k In 


If the volumes V; and V> are represented as shown in Fig. 5.1, 
it will be clear that the probabilities of a single molecule resid- 
ing in the final volume V2 or the initial volume V, are interre- 
lated as the volumes themselves, i.e., Vo/V;. If there are two mole- 
cules, the ratio of the probabilities will be equal to (V2/V;)? and 
so on. Obviously, for a mole of a gas 

Wa V2 \%A 

W = (77) 
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where Nag is Avogadro’s number equal to 6.02252 « 1073, Thus, 
according to Eq. (5.8), the change of the entropy 
. V, 
AS =RN, In 7 
But, on the other hand, the change of the entropy of one mole of 
an ideal gas upon isothermic expansion from V; to V2 is defined 
by the well-known formula: 
AS =F In = 
Therefore, for the statistical entropy to coincide with the thermo- 
dynamic entropy, it is necessary to put 
R 


k = —— = 1.38045 erg/devrcee 
A A 


The quantity determined in this way is known as the Boltzmann 
constant. It is one of the universal physical constants. 

Let us now return to the question of the qualitative treatinent 
of the entropy of a system as a measure of the disorder of its 
state (Sec. 5.1). From the standpoint of the conceptions expou:t- 
ded in the present section, a quantitative measure of disorder is 
the thermodynamic probability or the number of microstates. Frotin 
this point of view, the changes that take place in the systeni bo- 
cause, of the absorption of heat — through heating, melting, eva- 
poration, elc.— may also he regarded as being associated with 
the increase cl W, ie., with the increase of the nitmber of mictvu- 
states corresponding fo a new macrostate, say, a liquid as coti- 
pared with a crystal. Hence, the Boltzmann formula can also *-e 
employed for the calculation of the change in the entropy of the 
system in processes involving heat exchange. 


5.4. The Law of Distribution of Molecules Among 
Their Energy Levels (the Boltzmann Distribution Law) 


In many scctions of phystes and plivsical chemistry, use is 
made of the law describing the distribution of molecules among 
their energy levels in an equilibrium molecular system. The use 
of this law is often helpful, even when, strictly speaking, the svs- 
{em is a non-equilibrium one but does not differ strongly froin 
an equilibrium system. For instance, the theory of chemical kine- 
tics makes use, in a number of cases, ol the concept of the for- 
mation of a certain intermediate (or a transition state), which is 
relatively slowly converted into the final products. Therefore, the 
concentration of such an intermediale does nol substantially differ 
from the equilibrium concentration and can be calculated, at a 
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first approximation at least, by the methods of thermodynamics. 
In general, it is in this way that the relation between kinetics 
and thermodynamics is obtained. 

In this connection, the methods of statistical thermodynamics, 
which enable calculating the thermodynamic functions of a sub- 
stance—a system consisting of a large number of molecules--- 
on the basis of the molecular characteristics obtained by spectro- 
scopy, electron diffraction, and other methods, are important not 
only in the field of thermodynamics proper. They also play an 
important part in chemical kinetics and, primarily, in the statisti- 
cal calculation of reaction velocity (the theory of absolute reac- 
tion rates). 

These methods are based on the law of distribution of mole- 
cules aniong their energy levels known as the Boltzmann distribu- 
tion law. We shall now take up the derivation of this law. 

Let the gaseous system under study consist of a very large 
number, \V, of molecules. It possesses a total (internal) energy U * 
and occupies a constant volume V. Thus, from the thermodynamic 
standpoint, the system is isolated (U = constant, V = constant). 

We shall assume that all the molecules are chemically identi- 
cal but may have different energies. In the simplest case, this is 
the energy of translational motion, ('/.)mc?, where c is the ve- 
locity of the molecule and m is its mass. 

The distribution of molecules among their energy levels is given 
by indicating the number of molecules: 


N, having energy eg, 


No Eo 
Ny; £3 5 )) 
N; Ej 


and so on. Distributing the molecules among groups characteri- 
zed by definite values of energy, we thereby introduce the quan- 
tum-theory concepts of definite quantized values of energy (energy 
levels). In this treatment, however, the intervals between adjacent 
levels are not yet limited in any way and may be as small as 
desired before rigorous quantum concepts are introduced. There- 
fore, this method of treatment is suitable equally well for both 
classical and quantum interpretations. 
The total energy of the system will be expressed by the sum 


U=F=Ne,+ Noe, +N ,e,+ ... = » NV ,€; = constant (5.1Q) 


* This quantily is often denoted by & in statistics. 
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which is constant by the condition specified. The total number 
of molecules is also constant: 


N=N,+ N., +N 3+... = » N , = constant (5.11) 


But the separate numbers N; may, generally speaking, vary. 

In order to obtain the forin of the distribution law most suitable 
for our task, we are to take into account some additional charae- 
teristics of the energy Ievels of molecules, which !tollow trom 
experimental (spectral) data and also from quantum theory. The 
point is that a state of a molecule with a definite energy may 
also be characterized by other features or properties, which mani- 
fest themselves, for example, under the influence of a magnetic 
(Zecman effect) or an electric (Stark effect) field. In other words, 
the same (or almost the same) energy value for a molecule can 
le aftained in different ways, i.e., using the terminology of quan- 
tum inechanics, to one and the same energy of a molecule there 
may correspond several (g;) eigenstates. 

In connection with what has been said above, we shall speak 
of the possibility of existence in the molecule of several energy 
levels of equal (or nearly equal) energy. Such multiple levels 
are known as degenerate levels and the degrec of degeneracy g; 
is also termed the statistical weight of the level or its a priori 
probability. The last two terms are evidently associated with the 
fact that degeneracy increases the total number of levels of given 
encrgy and, accordingly, increases the probability of appearance 
of molecules of given energy. 

Confining ourselves to the classical version of statistics, we 
shall assume that the state (macrostate) of the system is unambi- 
guously determined by the distribution of distinguishable mole- 
cules among their energy levels, i.e., by indicating the numbers 
N;, No, N3... Of molecules having the energies €;, €, @3..... 

To compute the thermodynamic probability of a state, i.e., the 
number of ways it is realized, we shall first write the number of 
ways Of distributing M molecules among i groups, i.e., energy 
states. This number is viven by relation (5.3), i.e., 


N! 
Ni! No! N3!... Nyt... 


However, within each group characterized by a definite energy, 
N; distinguishable mioiecules in classical statistics may be ar- 
ranged, without restriclions, among g; levels. It is obvious that one 
molecule can be disposed in g; levels by g; ways, two molecules 
by g? ways, etc. Hence, for N; molecules the number of ways 


for their distribution among the levels will be equal to gi. 
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The total number of microstates, i.e., the thermodynamic pro- 
bability of a given macrostate, is obtained by tipultiplying the 
number of distributions aimong groups, which has been found 
above, by the aumbers of distributions within the groups. Namely, 

| py? | 


| gy 
= G=NI—-——.,.. = 5.12 
C= NIT Wa Nj N i Nj (9.12) 


To the cquilibrivin state of an isolated syster there corresponds 
the maximum of entropy S from the thermodynamic standpoint 
and the maximum of the thermodynamic probability W from the 
statistical standpoint. The rclation between S and W is given by 
the Boltzmann formula (5.7): 


& 


le 


= In W (3.13) 


Substituting the value of W from Eq. (5.12) into this expression, 
we obtain: 
S 
<=InNI+ ) (WN, Ing, — InN) (5.14) 
t 


The numbers N and A; are usually considered to be very lures 
and therefore Siiriing’s formula, which is the more exact the grea- 
ter is N, may be applica to the factorials: 


At = (2nN)? (=) 


i 
2 


N 


Or 


In Nl==—In (Q0N)4+ VN In N—SN 


The last relation may ‘. simplified for large N without apprecia- 
ble error by eliminating the first term on the right-hand side: 


InNt=Nint —N (3.15) 


Now the expression for the entropy (5.14) may he written thus: 


S . ’ 
S=NInN—N+) (N,Ing,—NiinN,+\,)= 
t 


=NinN+) (N,Ing,—N,InN)) (5.16) 


t 


As we have already said, to the equilibritum there correspond the 
maximum values of W and S. Within the framework of the prob- 
lem under consideration, the condition of equilibrium will be sich 
that with all the permissible changes of the numbers N; the suim 
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of the corresponding changes of entropy is equal to zero: 
>) dS; = 6S =0 


that is, the entropy does not change, remaining maximal. We now 
seek to find the partial entropy changes: 


, OS N | 
dS) = dy = — ke (In atl yan 

— VS _ No 
dS) = dNa=—k(In a+ 1) dN; 


and so on. Summing up all the partial entropy changes, we 
obtain its total change: 


6S = dS = — k in Ni dN (5.17) 
g f 
{ 


It is obvious that the condition of the equilibrium for the mole- 
cular system under consideration is the equality 


Nj - 
AG i+ 1) dv =0 (5.18) 
i 


t 


The variables N; are not all independent since the numbers of 
molecules are interrelated by conditions (5.10) and (5.11) which 
may be represented in the form: 


6V= ) dN, =0 


(5.19) 
6U = ». e, dN, =0 


Using the last equations, one can easily express two of the quan- 
tities dN; as functions of all the remaining ones. Therefore, all 
the changes of Ni, except for two changes, may be considered to 
be independent. In order to eliminate the dependent changes, we 
shall make use of the method of undetermined. Lagrange multi- 
pliers. We shall multiply Eqs. (5.19) for 6N and 6U, respectively, 
by A and w and sum up with (5.18). We oltain 


» ¢ = +124 He ;) dN, =0 (5.20) 
j t 


The arbitrary multipliers A and ww can always be selected such 
that two of the coefficients at dN; in expression (5.20) vanish. 
Put, for example, 


In $1 A+ per =0 and Int +1 +2 + per =0 
2 


Then the sum (5.20) will retain only those terms which contain 
the independent variations of the numbers of molecules, dN;, and 
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the general equality of (5.20) to zero can be satisfied only if each 
of the remaining i — 2 coefficients is equal to zero. 

Thus, in general, for an equilibrium isolated system consisting 
o: N weakly interacting molecules the following equality is va- 
lid: 


NX; 
In —+1+A+pe,=0 (a.21) 
8; 
Raising to a power, we obtain 
yee -_ 
ot bee Bei | 
or 
. | —HE ; 
A i = R ge 


Here, evidently, the notation B = e!''* is introduced. 
Expression (5.22) is the law of distribution of molecules among 
their energy levels (written in a general form) in Maxwell-Boltz- 


mann classical statistics. * 
Further, we are to find the values of the coefficients B and un. 
To do this, we first add up all the numbers of molecules determi- 


ned by relation (5.22). We get 


. |. ~He 
v= DN ap De 


t 
Hence, 
I N 
Rp —ti0s¢ ./kT 
f » oe i/ 


i 


and the distribution law asstumes the form 


—WHe. 
Je ’ 


» oe 
° “ie 
L 
It now remains to find the valuc of p that would satisfy the pro- 
pertics of a molecular system. To do this. we take logarithms in 


* In quantum statistics, which assume the indislinzuishability of particles, the 
py cgs , ue, 
distribution law takes a somewhat diferent form. Namely, M, = g,/(be a 1) 


in Bose-Einstein statistics, and WV, = g./(Be'*i + 1) in Fermi-Dirac statistics. 
If B is sufficiently large, which is the case at all temperatures for or- 
dinary molecular systems (except for helium), the unity in the denominator 
may be neglected, in which case both Bose-Einstein stalistics and Ferm.-Dirac 
statistics give the distribution law coinciding w.th the classtcal law. Comparing 
the formula given with (5.22) it is sometimes said that quantum stat.stics 
“titers” from classical statistics “by unity”. 
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expression (95.23): 
—ue,/kT 
InN, =InN+Ing,—pe,—iIn(Yi ge i") (5.24) 


Then, we multiply Eq. (5.24) by the number of molecules N; and 
sum up all the expressions of this kind: 


»N; In N,=)> N,inN + YN, In e,— >) uN e;— >. N, In (Y ge”) 


With relations (5.10), (5.11), and (5.16) taken into account, the 
last equation may be represented in the following form: 


NinN-+ ) (N, Ing, —N, In N,) = pU + Win () ge“) = < (5.23) 


OF 
S 7 
= =U +N In e gc ver) (5.26) 


where U is the total energy and S is the entropy of the system 
of N molecules under consideration. If we now. differentiate 
Eq. (9.26) with respect to the entropy at constant volume, then, 
considering the last term to be independent of S, we obtain 


l IU 
=n (5s), (5.27) 
But U, the total (internal) energy of the system, is a characteris- 


tic function of the variable entropy and volume, i.e., S and V, its 
exact differential dU=T dS — pdV, and therefore, as is known, 


au 
———_—_ = ae, 
(+5 ), T (5,28) 


Hence, comparing Eqs. (9.27) and (5.28), we have 


l 


b= eT (9.29) 


where & is Boltzmann’s constant defined carer. Thus, Eq. (5.29) 
may now be represented in the fori: 
oe i/RE 


l 
Ni = 


g, (5.30) 
This formula is usually called the Boltzmann distribution law, 
which may be read as follows: for a molecular system at equilib- 
rium, the number of motecules of energy ¢; is proportional to the 
Boltzmann factor e7*i/*! 


The exponential Boltzmann law is one of the important gene- 
ralizations in physics and finds numcrous applications in its va- 
rious branches. It is of fundamental importance in statistical ther- 
modynamics and also in the theories of chemical kinetics. 
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The pre-exponential factor in the Boltzmann equation, 1/8, 
depends, as will be shown in the subsequent treatment, on tem- 
perature and also on the number and nature of molecules of 
which the system is composed. If the inference is repeated for 
a system containing, say, N; molecules of substance [ and Ny; 
molecules of substance II, two exponential expressions obtain: 


—&,/kT 
i= Bo if (5.31) 
and 
N j= BT ge (5.32) 


from the consideration of which it follows that if the value of 
1/B is determined by the properties of the substance, then & is 
the universal constant. 


5.5. Evaluation of the Molecular Partition Function 


Eliminating the factor 1/B from Eq. (5.30), as we have already 
done, we write the Boltzmann law in the form: 


—e,f/kT 
eit 5.33 
L 
Or 
ge vil*t 
l 
N, — - Q 


The most important quantity Q= >, g,ei/*" is called the par- 
tition function and is the sum of Boltzmann factors written for 
all the possible energy states of a molecule. In an extended form 
the partition function for an individual molecule (the molecular 


partition function) is written thus: 
Q= gic P RT 4 goo PIRT 4 gap PwhE 4 (5.34) 


The partition function may be written somewhat differently if the 
lowest-energy state of a molecule is called the zcro state and the 
corresponding energy, the zero energy eg, and the degeneracy ol 
the zero level is designated as go: 


Q= goe 4 ge 4 ae kT ooo y gel (5.35) 
i 


hT 


where, as has already been said, the summation is carried out 
over all the possible energy states of the molecule. 

In the partition function (5.35) the Boltzmann factors diminish 
rapidly with increasing e, (the exponential function!) and the 
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series expressing Q converge rapidly. Therefore, though, in prin- 
ciple, the summation must be carried out to infinity, in practice one 
may confine himself to a small number of terms and, in some cases, 
even to a single term. 

The Boltzmann law (5.33) may now be written in the form 

—e /kT 


Q 2 .e 


N N; 

In accordance with this relation, the partition function is related 
to the total number of molecules in the same way as the Boltz- 
mann factor taken g; times is related to N;, which is the number 
of molecules of energy e,;. Thus, the partition function may be 
looked upon as the generalized Boltzmann factor characterizing 
the total number of molecules of a given species in the system. 

From the foregoing it is clear that the partition function has 
no dimensions, it helps one to describe, in a convenient mathc- 
matical form, the distribution of energy among ithe molecules in 
the system. The numerical value of Q, as will be seen later, de- 
pends on the molecular weight, temperature, the volume of the 
System, i.e., the volume in which the molecule is moving, the 
internuclear distances, and the mode of molecular motion. 


0.6. The Partition Function of a System 
in Classical and Quantum Statistics 


As will be shown later (Sec. 5.7), the partition function may 
be tied up with the thermodynamic properties of a systein. How- 
ever, if the thermodynamic functions of an ideal gas were deter- 
mined from the molecular partition function, no accurate resuits 
would be obtained. Indeed, if correct values were obtained for 
the internal (total) energy, heat capacity and pressure, then the 
calculated entropy, for example, would be lower than the experi- 
mental value by about two entropy units (ca. 2 cal/degree- mole). 
Careful examination of the question shows that there is no suffi- 
cient ground for attempting to calculate the entropy and a num.- 
ber of other thermodynamic functions including entropy, which 
arc, as a matter of fact, the properties of the sysfem as a whole, 
on the basis of the molecular partition function Q. The necessary 
detailing Icads to the understanding of the partition function o} 
the system. 

When considering the state of a system as a whole as a func- 
tion of the states of its constituent particles (molecules), two 
cases must be distinguished. In the first case, the properties of 
the system are believed to depend on which individual particles 
exhibit which characteristics, i.e, in this case, the particles are 
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considered to be distinguishable. In the second case, the proper- 
ties of the system depend only on the number of particles distri- 
buted among groups according to the characteristics displayed by 
them. The particles themselves are indistinguishable. 

Let us consider the first case. 

(a) Distinguishable particles. The Maxwell-Boltzmann system. 
Let the system consist of N identical molecules; each molecule 
may have an identical series of energy states We consider th: 
particles to be distinguishable, so that the state of the system as 
a whole must be characterized by indicating the state of each of 
N identical, distinguishable particles. According to the termino- 
logy adopted, this kind of system is called the Maxwell-Boltz- 
mann system. 

If we designate the states of NM individual particles by i), fy, ... 

., ty, then in the absence of any interaction between them the 
energy of the system will be expressed by the relation: 

Pia io et Oe Te; Te; Tt -e. 1 e,; 

Pog os ON | : S N 
Each of the different specifications of values for the subscripis 
1}, lg, ..., &y Would correspond to an individual state of the sys- 


tem as a whole. 
The partition function oi the system is written in the following 


form: 
—(&, +e, +... +E; \/kT 
T= Sg Mie ill (5.36) 


i,t... 
1 2 N 


where the summation is carried out over all the possible values 


of 11, lo, . 2 in. 
The expression for ¥ may be immediately simplified by facto- 


rizing into the product of factors of the type e~*i/*" since the set 
of energy states is the same for all the molecules. Thus, 


F = (x oey = Qn (5.37) 


Here e; is the energy state of a single molecule and therefore Q 
is the molecular partition function. In writing relation (5.37) we 
imply the summation over i separate levels. With the degeneracy 
taken into account, when several levels are of the same energy, 
the formula obtained may be rewritten in the form 


F = (x ae ty" (5.38) 
i 


where gi, aS before, denotes the number of distinguishable levels 
of the same energy &. 
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We have thus obtained an expression for the partition lusection 
of a Maxwell-Boltzmann system consisting of N distinguishable 
non-interacting particles. 

(b) /ndistinguishable particles. Bose-Einstein and ferimi-Dirac 
gases. Dealing once more with a system (a gas) consisting of N 
identical particles, we shall assume that the state of the system 
as a whole is determined by simply indicating the number of par- 
ticles in their various possible states. In contrast to Maxwell- 
Boltzmann statistics, here it is immaterial which particles are in 
which state. In other words, the particles are considered to be 
indistinguishable. It should be pointed out at this stage that 
this method of treatment indicates the possibility of existence of 
special, so-called degenerate states of the system. Here the term 
“degenerate” is used in quite a different scnsc than in the preced- 
ing section and refers to the system as a whole. This type ol 
degeneracy manifests itself at low temperatures and high pres- 
sures and it does so the more readily the smaller the mass of the 
particles: for one thing, the outcome of it is that even upon ap- 
proach to absolute zero the entropy and heat capacity become 
equal to zero. It is not our task to consider this type of degene- 
racy here since we may confine ourselves to sufficiently rarified 
gases which are at not too low a temperature. 

Generally, in statistics the terms degeneracy and degenerate 
are used in three different senses and this should be kept in mind. 
First, the degeneracy is the number ol energy levels having the 
same energy, i.e., the multiplicity of energy equations or their 
statistical weight, or multiplicity (as referred to clectronic states). 

Second, there is the quantum degencracy of the system, when 
classical statistics becomes invalid and recourse has to be made 
to quantum statistics. This kind of degeneracy practically reveals 
itself at low temperatures in the helium isotope *He, and in the 
case of other gases it is masked by an intermolecular interaction, 
this kind of interaction being weak in helitum. 

And, finally, one speaks of the degeneracy of a motion. For 
instance, at moderate temperatures no vibrational motion of dia- 
tomic molecules occurs, i. e., it is degenerate. A consequence of 
this is their heat capacity Cu=(°/2)R. 

So. let us consider a sufficiently rarefied gas consisting of V 
non-interacling particles, each of which may be in states having 


Hit2 Ulereles ee, €1, Em ..., these states being common to all the 
particles. 
Using the symbols ¢&, e€2, ..., ew to designate the possible va- 


lues of the energies of N molecules making up the system, we 
write the energy of the system in the form of the sum: 


Ee, ++ ... tey (5.39) 


C1 
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The total number of terms in the sum on the right-hand side is 
evidently MN. Denoting then the numbers of molecules in the same 
energy states, by Nz, Ni, Nm... [they designate the numbers al 
recurring terms and sums (8.39)], we find that the reduced valine 
of E can be obtained by 

N! 


ways by simply exchanging the subscripts 1... N for ihe cner- 
gies e;. In the preceding section, when dealing with a system 
consisting of distinguishable particles, we thouent that such 
transpositions would Iead to different states of the svstem as 
a whole. In this case. however, since the particles are considered 
to be indistinguishable, this expression implies only the number 
of identical states. On the basis of what has been said, we mav 
write the partition funclion for a system (an ideal gas) consisting 
oi N identical indistinguishable elenicnts: 


BE, FEgt+ 1) FEN 
INNA! _ 
FT — » Natl NN! 0 kT (5.40) 


N! 


where the pre-exponential factor excludes the possibility of taking 
into account identical states in the partition function more than 
once. 

Further, considering the application of expression (0.40), two 
cases may be distinguished. In the first case, the summation is 
carried out over all the possible values e, ..., ev. This method 
is used in Bose-Einstein statistics originally developed by Bose 
for light quanta and applied by Einstein to gas molecules. In the 
second case, use is made of Pauli’s exclusion principle, according 
to which the terms in which two or more values of energies ¢, 
fo, ..., &n refer to the same state. In such cases we speak of 
Fermi-Dirac statistics worked out for an electron gas. 

Let us now consider the simplified expression (5.40), applying 
it to a gas which is at a sufficiently high temperature and occu- 
pies a large volume. Since there are a very large number of 
energy states, if may be assumed that there is not more than 
one molecule per each state. This allows us to set all the facto- 
rials Nz!, Ny!, Na!... equal to unity. Thus, for any kind of gas we 
obtain the following partition function as a satisfactory approxi- 
mation: 

@,+eot ... ten 


1 kj 
F=7- \)  e J (5.41) 
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in which all the possible values of ¢ for the energies o! WN parti- 
cles are taken into account. However, the expression being sum- 
med can be factorized into the product of factors of the type 
exp(—er/kT) and rewritten thus: 


_ T\ MN 
~i(ds nl ) (5 42) 


ke 


In this new expression the summation is carried out over all the 
energy states of the only molecule of the type under discussion. 
If it is desirable, one can also take into account the multiplicity 
(degeneracy) ol energy levcls and write the partition function of 
an ideal gas consisting of N identical molecules in the following 


form: 
N 


Ci 
I ORT it N 
r-a(Sae™) ar za 
i 


Now the summation is carried out over all the energy levels and 
not over each individual state. Comparing expression (5.43) with 
the one derived earlier, (5.38), we see that the condition of the in- 
distinguishability of particles leads to the appearance of an addi- 
tional factor, 1/N!, in the partition function of the system. 

If we take logarithms of ¥ from Eq. (5.43), we get 


In¥ =NinQ—InN' 
or, using Stirling’s formula In VN! = NInN—WN +10 2nN, 


In? =NInQ—NinN+N—> in2nV=N (in Q—InN-+1 — 7 non) 
The last term in parenthesis tends to zero with increasing N and 
we ignore it, asssnine N to be very large. 
We obtain 
In¥Y =WN In ae (5.44) 
For the sake of brevity we shall call the partition function of the 
system ¥ the grand partition function. 


5.7. The Partition Functions, Thermodynamic Functions 
and the Equilibrium Constant 


Total (Internal) Energy and Enthalpy. To calculate the total 
energy of a system, we differentiate the grand partition function 
(5.43) with respect to temperature at constant volume. We obtain 


ey Ey 
OF \N _ N ~n-i f(9OQ\ _ N- yor ( aie RT | S2€2 kT ) 
& yom? st Jy = wre kT? © + yp ° Toe 
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We multiply the derivative by k7? and divide by F: 


, OlnF O|InQ 
2 2 _ 
kT aT = kT*N ——— aT 
e, Eo ey 
Bye, er , 89% kT Bie; vr), 
men Q e + + eee +o e N 


Since further, according to Eq. (5.36), gj" Q=N,/N, we 
have for | mole of gas (N = Na and RN, = R): 


OinF ppl’ =(e,N,+e.y + .- +eN)j=) eN,=U 


2 
RP oT OT 


Thus, the total (internal) energy ts equal to 


F Jing 
U=E=kr (+ ) =k? (<5 in (5.43) 
V V 


It should be kept in mind that we calculate not the absolute va- 
lue of total energy, as it might seem to be the case, but the 
excess of energy over a certain zero level Uo (or £o) which is 
most conveniently assumed to be the energy at absolute zero. 
Properly speaking, the values of the energy of a molecule, as re- 
presented by the series (5.9), should be written in the following 
form: e, + &, & + 0, #3 + &, ..., where eg is essentially the 
indeterminable value of the zero energy of the molecule. With 
this comment taken into account, the expression for the total 
(internal) energy of the system should be written thus: 


U—Uy=E— Ea kr (8 ), ar (SS ; (5.46) 
In connection with these formulas it may be noted that the use 
of the grand and molecular partition functions gives in this case 
similar formulas which differ only in the factors k and R (when 
calculated per | mole). Later on, in calculating the individual 
partition functions (Sec. 5.10), it will be shown that the quantity 
RT/P is included as a cofactor in Q. Therefore we may writer 


Q= q’ cit = 7" \’ and ino = 


As can easily be seen, the derivatives of InQ with respect to 
temperature at V = constant and P = constant have different va- 


lues. Thus, if 
(“38 a 
OT J \’ -_ OT V 


(GS), =(+ + 


then 
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But g’ is independent of volume or pressure and its derivatives 
are equal in both expressions. Therefore, if 


U — Uy = RT? (5*) — pp? ong (5.47) 
ar Jy 


then, using the derivative at constant pressure, we get 


rr? (23 aR eae + RT (5.48) 


But the first term on the right-hand side is equal to U — Up and 
the second term RT=PYV;, therefore, on the basis of the preceding 
expression we obtain the enthalpy for a mole of an ideal gas: 


H—HHy=U—Uy+ PV =U—U+ RT = RT? (=~) (5.49) 
P 


since evidently Hyp = Up at T = 0. 
Heat Capacity at Constant Volume. Heat capacity at constant 
volume is determined by the following well-known thermodyna- 


mic relation 
JU 
“y= ( or )y (5.50) 


Hence, differentiating relation (5.46) with respect to temperature, 
we get directly 


_ On F fing A InQ 
Cy =k ar (5 ), ee Oar ),1= Rar (“sp ), r 


+r St )v ee) 


In this case too, the use of ¥ and Q leads to identical results. 

Entropy. As known, the change in the entropy of a system un- 
dergoing a change in an equilibrium process is equal to the 
reduced heat: 


dS = oR. (5.52) 


At constant volume 6Q = CydT and, hence, on the basis of 
Eq. (5.91), 


sa sin Fearne ([o(2BE), 4 7(2BE), Ja 


The first integral is evidently taken directly and the second is 
determined by parts. The result is 


S—So=kInF — kin Fo+ kT ( 


—) 
V 


aT (5.53) 


Further, by equating So to k In¥Yo and thus introducing the sta- 
tistical analog of ihe Planck postulate, we may write the relation 
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between the entropy and the grand partition function: 
Oln F 
), 


S=kinF + eT (OF (3.34) 


But if we make use of the molecular partition function Q, then, 
according to Eq. (5.46), the expression will have a somewhat 
different form, namely: 


S= Rin-ve + R(T) (5.55) 
V 


Here Na is the Avogadro number. As seen, formulas (5.54) and 
(5.55) are no longer identical. 
The Helmholtz Free Energy. By definition, the Helmholtz free 
energy is equal to 
F=U—TS 


Substituting the expressions for the internal energy (5.46) and 
entropy (5.04), we get 


F— Us=— kT In F = — RT In 5 (5.56) 


The Gibbs Free Energy. By definition, the Gibbs free energy is 


equal to 
G=JU—TS+ PV=F-+ PV 


or for a mole of an ideal gas, using Eq. (5.56), we find 


G—Hy=F— Uy + RT = —kT In F + RT =— RT in (5.57) 
A 


Perhaps, it should be noted that in all the formulas containing the 
gas constant R, for example, in (5.55), (5.56) and (5.57), the cal- 


culation is carried out per | mole, and also that at absolute zero 
the values of the thermodynamic functions are equal, 1.e., 


Oy = Hy = Fo = Go 


The Chemical Potential and the Equilibrium Constant. Passing 
over to the derivation of a statistical expression for the equilib- 
rium constant of a chemical reaction, let us first consider an 
ideal-gas mixture containing N,; molecules of the first compo- 
nent, No molecules of the sccond component, etc. Since the collec- 
tion of particles of each of the components may be presented as 
independently coexisting systems, subsystems, the grand partition 
function of the mixture should be written in the form of the pro- 
duct of the corresponding partition functions for the subsystems, 
i.e., 

F mixture = F iF 2F 3 cee 


5 —94 
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Or 


, , 1, Vie _ 
In F wixture= YW Fi= Yo NiIn 7 (5.58) 
L 


which takes account of relation (5.46) between the grand (Ff) 
and molecular (Q) partition functions. The Helmholtz free energy 
for the gas mixture is written in the following form in accordance 
with Eq. (5.56): 


(F ~— Yo) nixture — F nixture _ » Uo; (iixture) =—AT In F snixture — 


=—AT)'N; In SE ‘ 


where » Ui, the sum of the zero energics of the components, is 
equal to the zero energy of the systein. Further, differentiating 
Fimixture With respect to the number of molecules of a component, 
we take into account that the zero energy is an additive function 


and therefore the derivative of >, Uo, with respect to N; will give 
simply the zero energy of the component per molecule, Uo. Thus, 
the chemical potential of the ith component of the mixture will 
be expressed thus: 


fi, = (mitre OF Nixture 


Q _ 
) = — kTIn—-+ Uj; 
ONi STV NAN, Ny 
or, per mole, 


by =Nq Bi =— RT Int x + Up, (5.59) 


where Uo; is the molar zero energy of the component. 
Turning now to the chemical equilibrium, we first write the 
equation of the reaction in a general form: 
/ 


VA, + VoAg+ ... == v AY + voA5 


using the symbol A; to denote the substances—the participants 
of the reaction, and expressing the number of moles through v;. 

From the thermodynamic theory of the chemical equilibrium we 
know the general condition to be 


>, ¥;H; = 0 (5.60) 
i 


where the suin is also extended over the reactants and products. 
Substituting the expression for the chemical potential (5.59) 
into the equilibrium condition (5.60), we have: 


, Q; Q; | 
ar} st Ww teh i ae = 


2 | 
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eee oe 


Wheie AU, i.e., the algebraic sum of zero encrgies of the partici- 
pants of the reaction, has the physical meaning of the heat effect 
of the reaction at absolute zero. This quantitv is illustrated hy 
Fig. 5.2 for the simplest reaction A — B. 

In what follows it will be useful to introduce a new function — 
the partition function of the component per unit volume: 


Qi _ 
qd; = ara 1.62) 


where V is the volume of the system. Using g;, we now rewrite 
expression (0.61) in the following form: 


V4 7 Vi No 

ee (re) S& yoy 
ve~S~CORRT 

M92" (2) (u 2) 


Since the ratio Ni/V = C; is the concentration of the given conipo- 
nent expressed by the number of molecules per unit volume, the 
last relation turns readily into the 


In 


following: 
/ 
r*} 2 rv 1 72 AU, 
C, Cy _ TW Qe ~ TRI 
C CMC? qy'q3° 
(5.63) 
And this is evidently the law of 4U, 


mass action written in the form 
of an ordinary equilibrium con- 
stant in terms of concentrations Fig. 5.2. The energy levels of the 

or in terms of the partition func- reactant and product. 

tions g;. Writing the equilibrium 

constant in terms of partition functions is analogous to writing 
it in terms of concentrations, the term exp (—AU)/RT)_ being 
added, which contains the heat of reaction at absolute zero, \U,) = 
== AEy. For a theoretical calculation of the equilibrium constant 
by use of relation (5.63), apart from the value of AUp, it is ne- 
cessary to know the various characteristics of the reacting tmole- 
cules, i.e., the masses, vibrational frequencies, energy moments, 
symmetry numbers and electronic states. 

The relation between the equilibrium constant and the partition 
functions per unit volume, qi, determined by Eq. (5.62) and 
having the dimensions of concentrations, are also extensively used 
in the theory of chemical kinetics — the theory of absolute reac- 
tion rates. 


Ey, | ---------___- 


5* 
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It may also be noted that in expression (5.63) the heat of reac- 
tion may be referred not to a mole but to one molecule and in- 
Stead of AUo/R or AE,/R we may write Aeo/R. 


5.8. Some Values of Level Degeneracy 


We have already repeatedly written the molecular partition 
function in the most compact form, taking into account the multi- 
plicity, or degeneracy, of the energy levels of molecules. Thus, Q 
is reduced to a form which takes account of the results of the 
application of quantum theory to the study of molecules. Namely, 


9 Fi 


where, as before, the summation is carried out over all the pos- 
sible energy states of molecules. For monatomic molecules the 
degeneracy of levels is equal to the multiplicity of the correspond- 
ing spectral term *. Thus, for atoms of inert gases in the ground 
electronic state go = 1 (the singlet level), and jor atoms ol alkati 
metals in the vapour state go = 2 (the doublet level). For mole- 
cules containing several atoms, the expression for g may become 
considerably complicated. Thus, for a diatomic molecule with a 
non-degenerate ground electronic level, the total degencracy is 
determined by the degeneracy of the rotational level and is equal 
to 

oF +1 (5.65) 


where J is the rotational quantum number. Since J may assume 
the values 0, 1, 2, 3, ..., then only the ground Ievel is non-dege- 
nerate. The other levels have degeneracies equal to 3, 5, 7, 9, etc. 

In a complex molecule, there may also occur vibrational mo- 
tions of atoms relative to their mean positions. We shall confine 
ourselves to the statement that the vibrational levels of all dia- 
tomic molecules are non-degenerate. 


5.9. Approximate Values of the Partition Function 
of an Ideal Gas 


ln a general case, the energy of a molecule of an ideal gas 
may be ‘represented by the sum of the translational energy, the 
electronic excitation energy, the vibrational energy, and the ro- 
{ational energy, 1.e., 


ea 
e = Er + rd + Evib T rot (5.66) 


* See the theory of origin of alomic and molecular spectra. 
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In the sum (5.66) the last three terms constitute the intramole- 
cular energy and, strictly speaking, are interrelated—the vibra- 
tion has an effect on the rotational energy, ete. The translational 
energy is specific in this respect—it is independent of the other 
types of motion and vice versa. Therefore, the total energy of 
the molecule can in all cases be split into two significantly diffe- 
rent and independent components which refer to the translational 
motion and intramolecular states: 


E = €t- 1 Cintra (5.67) 


Accordingly, the molecular partition function can also be repre- 
sented in the form of two cofactors: 


Q= Qt Vintra (9.68) 


In the next section we shall describe a method of calculating the 
translational partition function (Qtr). For the quantity Qintra to 
be determined accurately, one must first of all have detailed in- 
formation on the energy levels of the molecule, which is largely 
provided by spectroscopic methods of investigation. Second, one 
must undertake the painstaking task of summating terms of the 
type exp(—e/kT) relerring to individual energy levels. This 
method—the method of direct summation—is the only one re- 
liable over a wide temperature range. However, it is laborious 
and is facilitated only by using electronic computers. Therefore, 
resort is often made to approximation methods which give satistac- 
tory results at not too high temperatures. Thus, at a first appro- 
ximation, it is believed that all the intramolecular forms of ener- 
gy are also independent of one another. In such a case, the total 
molecular partition function may be represented as the product 
of the partition functions calculated for individual forms of ener- 
Gy, 1.€@., 
QO = QQ 01 Pv in@rot (5.69) 
We shall use only the formula of this approximation and there- 


fore in the section that follows we shall be concerned with the 
determination of different Q.s separately. 


5.10. The Simplest Partition Functions 
for Individual Types of Molecular Motion 


The Energy of Electronic Excitation. Let a molecule have the 
lollowing series of the lowest energy levels for the outer clectron 
shell: eg = 0, e1, e ... . Here eo is the energy of the ground, 
unexcited level and is taken as the origin; e; and es ... are, re- 
spectively, the energies of the wrst, second, etc., excitation levels. 
The electronic partition function is wrilten in a general form as 
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follows: 
— — _— 
Quy = ee “ +ae “ +8,e “7 5.70) 
where go, g; ... are the multiplicities, or degencracies, of the 


corresponding levels. In many cases, however, even the enerev 
of the first electronic excitation Icvel is high as compared with 
the average cnergy of thermal motion, a measure of which is &7. 
Thus, e; is often of the order of several (4-5) electron-volts; as 
for kT, this quantity is approximately equal to 10-4 TeV; at room 
temperature (300 K) it will be equal to 0.03 electron-volt. There- 
fore, alrcady in the second term the negative exponent may be 
much greater than unity and the term itself may be very small. 
Therefore, often at not too high tempcratures all the terms in the 
partition function (5.70) may be neglected, except the first one, 
and the quantity Qe: may be assumed to be equal to the degene- 
racy (multiplicity) of the ground electronic level, i.e., 


Vel = Lo (0.71) 


This factor is usually included in the translational partition func- 
tion which will be discussed below. 

Translational Motion. In calculating the partition function for 
translation of an ideal gas, the molecule is regarded as a particle 
possessing only a mass and the ability to move in space. 

The energy of unrestricted translational motion is not quaniti- 
zed in general. ie., it may change continually—this kind of mo- 
tion differs from the other types of motion which are periodic in 
character—vibration, rotation, etc. Therefore, Qt, should be ca!- 
culated by means of integration rather than summation. And this 
is what we shall do. First of all, it must be shown that transla- 
tional motion limited in its extent assumes, as it were, the pro- 
perties of periodic motion, and its energy may take only certain 
discrete values. 

Let us consider the simplest quantum-mechanical problem which 
is known as a particle in a potential box or, simply, as a particle 
in a box. Imagine a particle, say, a gas molecule, moving in a 
rectangular box of dimensions J,, /,, and /z. The properties of 
the particle-box system are such that the potential energy of the 
particle w (x,y,z) inside the box is constant and may be taken 
to be equal to zero. On the boundaries of the box, however, the 
potential energy of the particle is assumed to increase jumpwise 
to infinity, which means that the particle cannot actually go 
beyond the confines of the box. 

In quantum) mechanics, there is a postulate that the state of 
a microscopic system (an clectron, an atom, a molecule) must 
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be defined by the Schrodinger wave equation: 


h? 


aia Rg dD 


Vp + (E—u) p=0 (5.72) 


In this equation wp is the so-called wave function, the square of 
which * expresses the density of the probability of finding a par- 
ticle at a given point in space. The operator V? signifies the sum 
of the second partial derivatives of w in the coordinates x, y, and 
Zz, i.e., 


O7 ap O* 1p 


Cha 
+ Oy- + Oz? 


Ox* 


Vp = 


Finally, m in Eq. (9.72) expresses the mass of the particle, and E 
and uw denote, respectively, its total and potential energies. Accord- 
ing to the formulated condition of the problem uw = 0. Let us 
consider a simplified solution of Eq. (5.72), assuming that the 
particle performs only a one-dimensional motion in the x direction 
from 0 to /,. Then Eq. (5.72) becomes 


h? a? 
87711 rs + Exths = (9.73) 


The general solution of an equation of this type is known to be 
a sinusoidal function of the type 


bx =e sin (Ax + B) (5.74) 


According to what has been said above, 2 will determine the 


probability of finding the particle at point x. From this it follows 
that wp, must be equal to zero at x = 0 and at x = J, and this is 
possible only if 


and B=0 


where ny is an integer, 1, 2, 3, ... . Thus, the solution of 
Eq. (9.73) that satisfies all the conditions specified is 


~y, =c sin ( <= ) (5.75) 
x 
Substituting this solution into the original equation (5.69), we get 


h? nen” 1 ft IU 
— s— € sin x E,csin{ ——x }=0 
S221 I. ( l )+ * ( [ ) 


Xx ao 


OF 
EY = —>z hy, (5.76) 


* More exactly, the product of complex-conjugate functions, py*, 
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where 2 is the quantum number which determines the allowable 
energy values for a particle constrained to move in the x direction 
only. According to Eq. (5.76), Ex may assume only those valucs 
which are multiples of A-/8n/°, and the restricted one-dimensional 


translational motion is found to be quantized. Figure 5.3 gives 
a diagrain of the energy Icvels Ex, up to 
n = 4. 

In general, it is precisely in this way 
that the discrete energy levels are ob- 
tained in more complex systems—in = an 
clectron interacting with the positively 
charged nucleus, in the vibrational mo- 
tions of atoms in a molecule, and in the 
rotation of a molecule. As is known, the 
discrete nature of energy levels in an 
atom and molecule manifests itself in the 
pattern of spectra—emission, absorption 
and Raman spectra—etc. A detailed study 
ol spectra provides information on_ the 
energy levels. 

Fig. 5.3, An approximate Returning to translational motion, we 

disposition of the energy note that analogous solutions are obtained 

levels of translational for the motion in the y and z directions, 

motion of _ particles and by means of summation we could also 

[Eq. (5.76)]. write the total energy of the particle in 

{he box. However, we shall not do this; 

we shall only employ relation (5.76) for the direct calculation 

of the partition function for a one-dimensional translational mo- 
tion: 


0 


hh 
_ a. n 
Bml kT 


x 


Qrm= (5.77) 


n=! 


The calculation of this translational partition function is simpli- 
fied because for gases the factor ?/8ml2kT is very small—the 
energy levels are closely spaced—and therefore, to a_ sufficient 
degree of approximation, the summation can be replaced by inte- 


gration over 72: 
i? 


oN) TM 00 
8ml2 kT 8inkT)? i 
Qu = | e * dny= 1, e do (5.78) 
0 0 


Here the following substitution is made: 9? =h?/8ml2kT. The 
integral in Eq. (5.78) is known to be equal to 22/2. Therefore we 
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obtain 


Qe = (nméTy” L (5.79) 
Quite analogous results are obtained when calculating the 
partition functions for a motion parallel to the other two direc- 
tions. Since the motions in all ihe three directions are indepen- 
dent, the total partition function for the translational motion of 
the particle in the box will be given by the product 


(QnimkT)" 
Qtr = Vie (x) Ptr (yy tr (z) ~ ha yl 
Or 
2amkT) " 
Q,. = a V (5.80) 


where V is obviously the volume of the box. 

Formula (5.80) can be used to calculate the translational par- 
tition function for a gas molecule moving in an ordinary contai- 
ner. Let us, finally, combine, in accordance with what has been 
said above (page 134), the translational and electronic partition 
Junctions, t.e., the degeneracy of the ground electronic level: 


(Qk T)!: 
Qel. tr = 89 — Fa 


V (5.81) 
[In calculating the thermodynamic functions for Na molecules, 
i. e., for one mole, the molar volume equal to R7T/P for an ideal 
gas should be taken as V. 

Vibrational Motion of Atoms in a Molecule (a Harmonic Oscil- 
lator). In diatomic molecules there ariscs a motion associated 
with the change of interatomic distances (bond lengths) -—va- 
lence vibrations (stretching or com- 
pression vibrations). In more com- 
plex molecules there are also pos- 
sible various modes of deformation 
vibrations which lead to the change 
of bond angles. Let us consider in 
more detail the vibrations of atoms 


Fig. 5.4. The displacement 


Ht a diatomic inolecule. of atoms in a diatomic mole- 
Figure 5.4 (/) is a model of a dia- cule relative to the position 
tomic molecule with an equilibrium of equilibrium. 


distance between the nuclei, r.:; it 

shows the displacement of atoms (2) relative to the equilibrium 
position by the total amount g = q,; + qe. The restoring force aris- 
ing during the displacement can be regarded, at a first approxima- 
tion, as being proportional to the displacement or obeying Hooke’s 
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law *, i.e., 
F(q)=— Keq 


where K, is the so-called force constant. 
The potential energy is defined here by the parabolic displace- 
ment function: 


1 
u(q) = a Kea? (5,82) 


The dependence of the potential energy of the molecule on displa- 
cement is given by the parabolic curve shown in Fig. 5.5 as a 
dashed line. 

The solid line in Fig. 5.5 shows the actual dependence of the 
potential energy of the molecule on the distance between the 
atoms (interatomic distance) in 
the diatomic molecule. This 
curve is described by the Morse 
empirical function: 


w= Dp ie —e- (Fe) | 


Its most significant difference 
Fb td from a parabola consists in 
p re that with increasing r the value 
of « tends to the limit equa! 
Fig 5.5. The potential energy of a to De (the spectroscopic disso- 
molecule versus the interatomic ciation energy). Obviously, the 
distance: parabolic function is suitable, 
D,— spectroscopic energy of dissociation; strictly speaking, only at small 
D—cheinical energy of dissociation of inole- displacements. The motion ot 
particles, which arises under 

these conditions, is the harmonic vibralion with a frequency 


1 a) 
(On [Ll 


where jt == Myflo/ (1m, + my) is called the reduced mass of the mo- 
lecule. The instantaneous kinetic energy of vibrating atoms may 
be represented in the form 


Vv 


T= 5 1g? (5.83) 


According to quantum theory, i.e., to the solution of the Schro- 
dinger equation with these values of « and uw, the energy o1 the 
harmonic oscillator vibrating with a frequency v is equal to 


] | 
Ej, =F tu=Ahv € + x) (5.84) 


* This force is therefore called the quasielaslic force. 
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Where v is the vibrational quantum number and may assume po- 
sitive integer values; v =O, 1, 2, 3,.... 

Figure 5.5 shows the equidistant levels of the total vibrational 
encrgy of the molecule as a harmonic oscillator. 

The partition function for the mode of vibration under discus- 
sion is written thus * 


Gace hv (ov t)/er 
e A 


hiv OhY 


ET Tae AT yg RE = (5.85) 


It is easy to see that enclosed in parenthesis is a series of geo- 
metric progression of the type 


ltetetet io. =(l—x)7 (5.86) 


Therefore the vibrational partition function is given by 
—| 


_ hv ( hv 
/ IRT RT | 
Quip =e l1—e ‘ (5.87) 


The quantity Av/2 is the lowest value of the vibrational energy 
corresponding to v = 0; this is the zero-point energy ol the oscilla- 
tor. It is olten included in the total zero (i.e., at absolute zero) 
energy of the molecule and vibrational energy is usually measu- 
red from this lowest level (sce page 127). 

In this case the vibrational partition function assumes the fol- 
lowing form 

~! 


_ tv 
Qi, = (, —e iT ) (5.88) 


From what has been said earlier it is clear that, strictly speak- 
ing, formula (5.88) is applicable only to a harmonically vibrat- 
ing diatomic molecule, i.c., an ideal model which is never reali- 
zable in practice. As a matter of fact, with increasing gq the po- 
tential energy tends not to infinity, as follows from Eq. (5.82), 
but to the limit D. called the spectroscopic dissociation energy. 
The actual dependence w(qg); =/(g) is rather well described by 
the above-mentioned Morse empirical function which contains q 
iil the exponent. Nevertheless, the results of the calculation of the 
partition tunction (5.88) differ little, especially at not too high 
temperatures, from those obtained by the more accurate method 
of direct summation over the approaching levels of anharmonic 
oscillators. 

Calculation of the vibrational partition function for polyatomic 
molecules is an incomparably more formidable task. For this to 


* As pointed out earlier (p. 132), the vibrational levels of a diatomic mole- 
cule are non-degenerate (g; = 1). 
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be done, use is often made in practice of the zeroth-approximation 
method, which yields satisfactory results for moderate tempera- 
tures. This method allows for the existence in a polyatomic mole- 
cule of several (sometimes, many) modes of harmonic vibration 
with different frequencies, the energy of each of them being 
expressed by a formula of the type (5.8+). A non-linear molecule 
consisting of n atoms has 3n—-6 modes of vibration. For a li- 
near molecule, because of the number of vibrational degrees of 
freedom being decreased by unity, the number of modes of vib- 
ration is 31 — 5. If there is a degree of freedom of internal rota- 
tion in a molecule (for example, of the methyl groups about the 
bond line in ethane), the number of vibrations falls down to 
gn — 7. In a general case, when the number of modes of vibration 
is 3n — x, the partition function is approximately written in the 
following way: 


AV —i 
sas ( -a) 
Qine [J] Mime ” (5.89) 
j= | 


Here the derivative contains analogous factors for all modes of 
vibration. 

Rotation of a Molecule (a Rigid Rotator). According to quan- 
tum-mechanical calculations, the rotational energy of a diatomic 
molecule with the distance between the nuclei, r,, being unchan- 
ged (the simplest model is the rigid rotator), is expressed by the 
relation 


h2 
erot — a! (J + 1) (5.90) 


where / is the moment of inertia, i.e., 


ALLE 9 _ 
i= 2 —_—_—_—_—_ =f” 5.91 
€ ptt; + Mle el ( 


and J is the rotational quantum number which assumes the va- 
lues 0, 1, 2, 3, ... . To each level of rotational energy (the value 
of the number J) there corresponds the degeneracy 2/++-1. There- 
fore the partition function for rotation is given by 


_ AU) 


Qo _ »y (2s - 1) e BRE > (2/ a7 1) eo OF UF +1) (5.92) 
) 0 


Frequently, in the case of sufficiently heavy molecules and not 
too low temperatures, that is, when p is small, the direct summa- 
tion is replaced by integration. If Z is substituted for J + '/o, then 
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2) + 1=—= 2Z, and J(J + 1)= 2° —'/, & Z?, and so 
Qo © \ 2Ze~°*" dZ 
U 
The integral is equal to I/p. Hence, the partition function 


/ 8n7lk T , 
Qrot =p (5.93) 


Expression (5.93), however, is not complete. Usually, it also con- 
tains factors corresponding to the nuclear spin degeneracy (the 
spin factor). 

A distinction is made between molecules having identical and 
different nuclei. The first form so-called ortho- and para-states. 
We shall examine this case in more detail. The spin quantum 
numiber of each nucleus is equal to ¢. Two identical spins are 
combined in 2i+1 ways; the resultant nuclear spin of the mole- 
cule may assume the following values: 


2i, 2i—1, 2i—2, 2i—3,..., 2, 1, 0 


The first, third, fifth, etc., values correspond in quantum mecha- 
nics to the symmetric fundamental functions or symmetric states. 
The second, fourth, sixth, etc., values correspond to the antisyim- 
metric states. The general expression for the resultant spin is 


t=2i—n (5.0-4) 


where the lowest value of n is 0 and the highest value is 27. The 
symmetric states (nm is even or Q) are also called ortho-states. 
The antisymmetric states (m is odd) are termed pura-states. For 
each value of the resultant spin, /, there are possible 2¢-+ 1 orien- 
tations. Since ¢ = 2: — n the degeneracy, i.e., the number of levels 
of equal energy corresponding to a combination of two nuciear 
spins, is 2 (2i—n)-+1. 
Thus, the total degeneracy of ortho-states will be given by 


Enuc (ortho) » | [2(2i —n) + 1] = ( +1) (2i4+- 1) (5.95) 


n=Q0, 2, 4,..., 22 
and for para-states 
B auc (para) = > (2 (28 —n) +1) =i (2i +1) (5.96) 
I 


n=, 3, 5,..., 2i- 
In writing the total rotational partition function for a molecule 
with identical nuclei it is necessary to know what values of ro- 
tational quantum numbers (even or odd) correspond to ortho- 
and para-states. The problem is solved, for example, by expcri- 
ment through a study of band spectra. The summation must be 
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carried out separately for ortho- and paru-states. We geet 
p S 


Q ot — Zone » (2/ + 1) eT (Jet 4. Bie » (QS + 1) eT (J+) (5.97) 
0,2... 


lL... 


where gi, and gare determined by means of relations (5.95) 


and (5.96). Suppose that, as before, o is small. Then, the sum- 
mation in Eq. (5.97) may be replaced by inlegration and it can 
be shown that each sum is equal to !/s0 * 

Hence, 


Qrot = = (Brine + a 20 (5.98) 


But, according to Eqs. (5.95) and (5.96), g + @7. =(2i+ 1). 
Thus, the rotational partition function for a symmetrical mole- 
cule can be written thus: 
871 kT 

Q-ot = (2i + l)’ aye (5.99) 
In an unsymmetrical molecule, i.e, a imolecule consisting of 
different nuclei, no ortho- and para-states are present. Ii the 
niiclear spins are equal to i and 7’, then, taking into account the 
number of possible orientations for each of them, we get the spin 
factor equal to (2+ 1) (2i°-+ 1). The calculation of the partition 
function for rotation will not differ from the calculation of the 
partition function (5.93). Thus, for an unsymmetrical molecule 
we obtain 


8 i 
Qeop = (26+ 1) (2 $1) x ul (5.100) 


Comparing Eqs. (5.99) and (5.100), we see that thev differ, 
first of all, in the denominator (2h? and h?). The number 2 is 
considered to express the synimetry of the molecule, i. e., the 
nuinber of indistinguishable positions occupied by the molecule 
upon rotation by 360°. In a general forin, the symmetry number 
is denoted by the letter o. Now we may finally write the cxpres- 
sion for the rotational partition function for a diatomic molecule: 


8m? real 871 kT 
Qrot = = (21 + 1) (2¢ + 1) — 75 — = Shue ch: 


(5.101) 


which is suitable equally well for symmetrical and unsymmetri- 
cal molecules. Apparently, for symmetrical molecules, i and i’ 
are equal and Eq. (5.101) turns into Eq. (5.99), and for unsym- 
metrical molecules o = 1, from which follows Eq. (5.100). 


* Each sum is twice as less as the partition function (3.92) which equals 
1/p since here the summation is carried out over the levels. 
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Polyatomic Molecules. The rotational partition function for a 
non-linear polyatomic molecule having three identical moments 
of inertia (for example, methane or its symmetrical substituted 
derivatives) may be given by 

I, Sa TET Io 
Qrot = Snuc =— ( % ) (5.102) 


The spin factor is determined here by multiplying terms of the 
More often are examples of inolecules in which two of the three 


moments of inertia are equal. Here we can obtain only an appro- 
ximate expression for the partition function. Namely, 


| aT \ i: 
qt‘? Bi kT \! if 
Qrot = Enuc O ( hz ) Mle (5.103) 


Analogously, we can write the partition function for a molecule 
having three different moments of inertia: 


Vi, 2 ve 
mi? { 8n°RT \°: / 
Qrot = Zine oO) ( Nh? ) (4 \/p/c) (9.104) 


Thus, for the partition function to be evaluated by means of for- 
mula (5.104), there is no need to know the individual values of 
moiments of inertia since there have been worked out methods 
for direct determination of the product (/a/p/c). 

In conclusion, it may be added that in calculations of the equi- 
librium constants and thermodynamic functions for these purpo- 
ses the spin factor nue in Eqs. (5.101) and (5.102), and in (5.103) 
and (5.104) may be dropped out since the nuclear state does not 
change in a chemical reaction in the absence of ortho-para con- 
versions. 

Internal Rotation: Free and Retarded Rotations. As has already 
been mentioned, a molecule can exhibit one more kind of mo- 
tion—the rotation of one part of the molecule relative to the 
other, say, the rotation of methyl groups in the ethane molecule 
about the A—A axis passing through the carbon atoms: 


H .. 4H 
\ / 
sure AcOw. aN 
/ \ 

H H 


The methyl groups may be regarded as symmetrical tops hav- 
ing two cqual moments of inertia relative to the axes perpendi- 
cular to the principal axis of rotation of the top. Often in the mo- 
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lecule a rigid framework may be distinguished, to which one or 
more rigid tops are connected. 

The possibility of internal rotation must be taken into account 
in setting up the total partition function since it reduces the num- 
ber of rotational degrees of Ireedom. Sometimes the internal ro- 
tation may be regarded, at a first approximation, as a [ree rota- 
tion, i.c., a rotation not associated with the necessity of over- 
coming any energy barrier. 

Let us introduce the so-called reduced moment of inertia: 

I\ I 


where /, and /. are moments of inertia relative to the axis of ro- 
tation of two parts of the molecule, which rotate one about the 
other. Then we can show that the partition function for internal 
rotation is evaluated by the relation 
3 Io 

Q.. = aint (5.106) 
Here, however, no account is taken of the symmetry of the mole- 
cule. This can be done in two ways. First, the total symmetry 
number is inserted into the expression for the rotational partition 
function derived for external rotation [for example, into formula 
(5.104)]. In another method, the symmetry number is split into 
two parts: one for the external rotation of the rigid molecule 
exhibiting no internal rotation; the other component refers only 
to groups rotating inside the molecule. The second method is 
employed more frequently. So, the partition function for each 
Ireely rotating group is written thus: 

(8n3/kT)'? 

Q..= ae (5.107) 
For instance, for ethane the total symmetry number is 18 and it 
may be included in the expression for the rotational partition fune- 
tion of the molecule as a whole. In the second method, however, 
this number, 18, is regarded as the sum of two cofactors. One of 
them, which is equal to 6, characterizes the rotation of the mo- 
lecule as a whole: upon rotation about the C—C axis the molecule 
occupies three indistinguishable positions, each of which can be 
realized twice upon rotation by 360° about the axis perpendicular 
to the C—C bond. So, o = 6. The symmetry number (or symmetry 
factor) for the internal rotation o = 3 since upon rotation of the 
methyl group about the C—C axis, as shown on page 148, it will 
also occupy three indistinguishable positions. Since the indistin- 
guishable positions may combine in any way, there wiil be 18 such 
positions. 
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In a general case, a molecule can have S degrees of freedom 
oi rotational motion: three of them reicr to external rotation and 
S—3 degrees of freedom refer to internal rotation. A rather 
laborious calculation, which is based on the classical method and 
which includes integralion over S coordinates and S momenta, 
gives a result which may be represented in the following form: 


 ( 8x7 kT (8r3/,kT)? 
Qo 4 (Set y" (Unlglc) I. lea si (5.108) 


In this expression /;,’s are moments of inertia of S—3 groups 
which are considered to be freely rotating inside the molecule 
about the bonds linking these groups to the rigid framework of 
the molecule; o. is the symmetry number of external rotation; o; 
is the symmetry number of internal modes of rotation. 

As can easily be seen, in the above formula the first term in 
braces coincides, within the nuclear spin factor absent from 
Eq. (5.108), with formula (5.104) which expresses the partition 
function only for the external rotation of a non-linear molecule 
with three different moments of inertia. 

The second term in braces covers the product of S —3 cofac- 
tors which are analogous to those in Eq. (5.107) and correspond 
to S—3 degrees of freedom of internal rotation. According to 
the result obtained at a first approximation, the external rotation 
can be.separated from the internal rotation and the latter can 
also be represented in the form of cofactors corresponding to the 
rotation of individual groups. Formula (5.108) can also be writ- 
ten in the following abbreviated form: 


Qrot = Vex TT Qtr (5.109) 


The difference between /,, in formula (5.106) and /, in (5.108) 
should be noted. The first quantity denotes the reduced moment 
of inertia, and the second, the inertial moments of individual ro- 
tating groups. 

Free internal rotation in pure form is encountered rather sel- 
dom. One of the few examples is the rotation of the methyl! 
sroups in dimethyleadmium, H3;C—Cd—CH3. Here the rotating 
groups are separated by a relatively large distance—by two 
Cd—C distances instead of one C—C distance in ethane. The nu- 
merical data given below confirm the absence of hindered rota- 
tion. The agreement between the entropy calculated statistically 
and that determined experimentally on the basis of colorimetric 
data is very good, as can be seen from the data given. 
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The entropy of dimethylcadmium as an example of the 
contribution of free internal rotation, cal/deg - mole 


Translational motion and total rotation. . . 60.66 
Vibrations te ee ee ee ke kk 8.76 
Free internal rotation . - a ee 2.93 
Total entropy as calculated . 72.35 


Experimental entropy according to the third law. 72,400.20 


Hindered Rotation. The entropy value calculated on the assunip- 
tion of free rotation in the molecules of ethane, propane, butane, 
tetramethylmethane, etc., has been found to 
be somewhat higher than that found on the 
basis of colorimetric measurements. This 
has led to the belief that the rotation is not 
quite free; a certain energy barrier has to he 
surmounted—in the cases listed above the 
energy barrier to rotation is not high 
(2-3 kcal/mole). 


Fig. 5.6. 


The rotation 
of the methyl groups 


in ethane; the posi- 
tion of hydrogen atoms 
corresponds lo the 
minimum of the po- 
tential cnergy of the 


The essence of the matter can most simply 
be ascertained by reference to the bipyra- 
midal ethane molecule. Rotation is thought 
to be retarded due to the repulsion between 
the hydrogen atoms of the separate methy! 
eproups. This force of repulsion attains a 
maximum when the hydrogen atoms in the 


molecule. separate methyl groups are opposite to each 
other, and a minimum when one. group 
rotates relative to the other at an angle of a/3 (Fig. 5.63. 
The maximum value is again reached on rotation by another 
('/3)n angle. The symmetry of the groups requires that identic-:l 
maxima alternate with identical minima on rotation by 360°. The 
potential function can be expanded into a Fourier series but, 
as has been found, the first two terms give a quite good an- 


proximation. So 


u=Cy+Cy;cosno+ ... = o (1 — cos nm) = uo sin? (ng/2) (5.110) 


I 
g M0 
On the right-hand side of the above equation the potential is re- 
presented in the form which assuines its equality to zero at @ = 0. 
The quantity wo evidently denotes the largest value of the poten- 
tial and n is the number of equivalent positions on rotation of 
the group by 360°. If all m positions are quite equivalent, then n 
coincides with the symmetry factor and the potential may be re- 
presented in the following form: 


u = ly (1 — cos Og) (5.111) 
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Figure 5.7 shows this dependence graphically lor ethane. It is 
seen that, in accordance with o; = 3, identical maxima and mini- 
ma alternate through every (#/3)m. Equation (9.110) can be exptoit- 
ed for the solution of the quantum-mechanical problem by means 
of Schrédinger’s equation. In this case, however, no sufficiently 
siinple expression is obtained for energy levels and the calcula- 
tion of the partition function is complicated. 

A general treatment of the problem is beyond the scope of the 
present book. We shall confine ourselves to the statement that, as 
has been shown by Pitzer, the 
contribution of internal rotation 
to the thermodynamic functions 
may be collected, in the form 
of two properly chosen variab- 
les, in summary tables. thus, 
the variables that may be used 
are the ratio of the height of 
the potential barrier to the 
energy of thermal motion, t.c., 
ue/RT, and the inverse of the Fig. 5.7. The potenti:! energy of the 
partition function for rotation molecule on the angle of rotation of 
which is considered free, 1/Qrr *. the methyl! group in ethane. 
Such tables can also be em- 
ployed for the solution of the converse problem: if we know the 
contribution of retarded internal rotation to the total rotation, say 
the entropy, we can find the height of the potential barrier w. 


5.11. Calculation of the Entropy of Monatomic 
and Diatomic Gases 


As an example of the use of the formulas of statistical thermo- 
dynamics derived in the preceding sections, lel us consider the 
calculation of the entropy of a diatomic gas. It should be noted 
here that, in accordance with the decomposition of the total par- 
tition function into colactors, by relation (5.69), the thermodynain- 
ic functions may be represented as resolved into the corresponding 
components. For example, the entropy 


S= Sel, tr T S vib + Srot (5.112) 


Now, in accord with formula (5.54) we determine the molar en- 
tropy of an ideal diatomic gas. First, using Eq. (0.81), we find 


* Tables for heat capacity, enthalpy, the Gibbs free energy, and entropy 
can be found in: G. N. Lewis and M. Randall, Therinodynamics, McGraw-Hill 
Book Company, 1961. 
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the electronic-translational component Ser. tr: 


“te 
8 [2a (tty + mp) kT]? RT ) 
Se, = RY I tn ne +> = 


3 f 
= Ring, + > Rin M+ > Rin T— Rin P,,,, — 2.314 cal/mole-deg (5.113) 


This formula may also be used to calculate the total entropy of 
a monatomic gas at moderate temperatures, Le., of a gas with- 
out clectronic excitation of molecuces. It is known as the Sackur- 
Tetrode equation. Further, according to Eqs. (5.54) and (5.88), 


hy —i hv 
Av f ort kT 
spor Me (. -1) — (1. )} (5.114) 


At moderate temperatures a quantum of vibrational energy is 
usually larger than AT; in this case, Eq. (5.114) can be simplified 
by neglecting exp(—Av/kT) as compared with unity and by ne- 
electing unity as compared with exp div/Be): 


/ 
Sviv = 8 (=F aye ir (5.115) 


Finally, in compliance with Eqs. (5.54) and (5.101), we get 
Sot =A 1 In ( oe) +1 t = kh In + 177.676 cal/deg - mole 


Let us calculate the entropy of nitrogen in the standard state at 
1 atm and a temperature of 298.1 K: M=28, g=1, R= 
= 1.987 cal/mole-deg. Hence, according to Eq. (5.113), 


Soog el. tr = 30-95 eu (entropy units) 


Further, as can casily be seen, at the vibration frequency om, = 
= 2359.60 cm—! the vibrational component of entropy is found to 
be vanishingly small, i.e., 

Sg vib + 9 


In connection with this calculation it should be noted that gener- 
ally on vibrations which arise along stable bonds and_ which 
therefore possess high frequencies, the corresponding contribu- 
tions to the total entropy at moderate temperatures are negligibly 
small. A large contribution is introduced by weak vibrations such 
as deformation vibrations resulting in a change of valence angles. 
The moment of inertia of the nitrogen molecule is / = 13.81 * 
 10-4° g-cm?, and the symmetry factor o = 2. Ilence, by using 
formula (5.116) we can determine the rotational component: 


Soog rot — 9.84 eu 
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If we compare the calculated entropy terms, we can see that 
the greatest contribution to the total entropy is made by transla- 
tional motion, the lower by rotation and the lowest by vibration. 

The total entropy of nitrogen in the standard state is equal, 
according to calculations based on molecular constants, to 


Soog — Ser, tr + Svib + Srot = 49.79 eu 


This value is in good agreement with the entropy value ob- 
tained colorimetrically: 
Soo, = 45.77 eu 


Such calculations lead one to conclude that in many cases the 
thermodynamic functions determined by means of statistical me- 
thods on the basis of molecular characteristics are more accurate 
than those found by means of colorimetric measurements. As re- 
gards high temperatures encountered, for example, in plasma 
jets, the statistical methods are the only ones possible. True, 
under these conditions, the approximation given by relation 
(5.69) is no longer applicable, and more accurate methods must 
be employed, say, the method of direct summation. 

In kinetics, use is invariably made of the first-approximation 
formulas given in this chapter. 


CHAPTER 6 


Elements of the Kinetic Theory 
of Gases 


This chapter deals with the derivation and consideration of 
certain formulas of the kinetic theory of gases, which are requi- 
red for the treatment of the basic theories of chemical kinetics. 
Their derivation is based on the Boltzmann distribution law 
(5.33), which may be written in the following form: 


ei 


dN,=NA’g.e ** (6.1) 
which differs from the previous one in that the partition function 
is replaced in it by its inverse quantity A’, and the finite num- 
ber of molecules N; possessing the energy e; is replaced by the 
infinitely small dN; because of the actual continuity of the change 
of the energy of translational motion. In formula (6.1), g; is the 
statistical weight (degeneracy) of a given energy state of the 
molecule. In the case of the continuously varying energy, it can 
be obtained by using the Heisenberg uncertainty principle, from 
which it follows that the lowest determinable value of the pro- 
duct of the incretnents of the coordinale dg and the associated 
momentuin dp is determined by the condition 

dgdp Sh (6.2) 
where fi is Planck’s constant. Hence, the volume of an elementary 
cell of the phase space * is assumed to be equal to fi! if f is the 
number of degrees of freedom of motion. We shall first examine 
one-dimensional motion. 


§.1. Distribution of Molecules 
in One Velocity Component 


ict the energy of translational motion of a particle in the + 
direction be s; = mx?/2 and the “volume” of the elementary cell 
be f (one-dimensional motion). Hence, the statistical weight of 


* A multidimensional space of coordinates and momenta, in which the state 
of a molecule or a system of molecules is specified by the position of a point 
(the representative point) (sce Chapter 5). 
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the given energy state of the molecule with coordinates between 
x and dx and velocities between x and x+ dx will be written 
in the form 
_ mdxdx 
i h 
Thus, the fraction of molecules possessing the characteristics in- 
dicated will be defined by 
GN 4, mdX dx _groRT 
N =A h ° 


The proportionality factor A in Eq. (6.4) can be determined by 
integrating over x from —oo to +oo and over x from 0 to a, 
where a is the leneth of the interval on which the motion is con- 
sidered. The integration over x gives directly the factor a and 
therefore 


(6.3) 


(6.4) 


ae A a oT MX72RT dk 
Here the fraction dN/N differs from 
that in Eq. (6.4), though it is written 
in the same form: this is the fraction 
of molecules moving along the inter- 
val a (which may be one of the dimen- 
sions of a rectangular container) with 
velocities between x and x-+ dx. Fur- 
ther, we integrate over the velocity: 


(6.5) 


100 Fig. 6.1. The distribution of 


dN A’am me PRT molecules in one velocity 
\ — \ ene dx = | component x. 


— 00 


since the velocities of all the molecules are within the limits --cc 
and —oo. Integration * of Eq. (6.5) leads to an expression for A’: 

ve? dt (6.6) 
(Qs0kT)”? a Qe) 


where, incidentally, Qtr), the inverse of A’, is known as the par- 
tition function for one-dimensional translational motion **. Substi- 
tuting the value of A* obtained into Eq. (6.5), we get the following 
expression: 


AN (om \'P _mevorr ,. 
<=(s47) e dx (6.7) 
+ 9° 
* The integral \ e~ 98 (tg = (n/a). 


** The quantity Qiras) is derived by a different method and is considered in 
more detail in Chapter 5 (Sec. 5.10). 
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which is the distribution law for molecular velocities in one-di- 
mensional motion. The ratio dN/N in Eq. (6.7) may be regarded 
as the probability that the velocity of a randomly chosen molecule 
will lie between x and x + dx. Figure 6.1 is a graph of the function 
(6.7) in the form of the fraction of molecules, whose velocities 
are in the range x to x +1. The most probable velocity is equal 
to zero and the fraction of molecules decreases symmetrically 
with increasing velocity in both directions. Before we proceed 
further, let us find, using the distribution law (6.7), the average 
velocity with which the molecules move in a single direction. It 
is found by summation of the absolute values of the velocity of 
all the molecules and by dividing the sum (integral) by the total 
number of molecules: 


dN = 
__ th 2 ~ —MxORT 4 RT )" 
w— = (amir) "ier ae= (SF 68) 


x= 


This expression will be of value at a later time. 


6.2. Distribution of Molecular Velocities. 
The Maxwell Law 


In three-dimensional motion the probability of a molecule hav- 
ing a velocity between % and x + dx, y and y+ dy, and z and dz 
will be expressed by the product of three equal probabilities of 
the type (6.7), Le., 


dN m \' vol 
a = 7) oa me {rT ay diy dé (6.9) 


Here c? = x? + y? + 2? is the total velocity of the molecule in the 
bulk. The above-indicated ranges of the velocity components res- 
trict the velocity both in absolute value and in direction: the end 
of the radius-vector c must lie within the volume dx dy dz. We 
are interested in the distribution of molecular velocities c rather 
than of their directions. Therefore, Eq. (6.9) must be integrated 
over all the possible directions. To do this, we pass from the 
rectangular coordinates to the spherical (polar) coordinates 
(Fig. 6.2), introducing the following variables: the length of the 
radius-vector c, the cone angle or colatitude 0, and the polar 
angle or longitude @M. As seen from Fig. 6.2, the element of the 
phase volume will be expressed with an accuracy of up to infint- 
tely small values of the second order by the relation 


dix dy dt =c? de sin @ d0 d® (6.10) 
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Substitution into Eq. (6.9) and integration over the angle 0 be- 
tween 0 and x and over the angle @® between O and 2n gives the 
fraction of molecules, whose velocities are between c and c+ de, 
independently of the direction: 

aN 


= — 47 (<7) (a enc /2kT 2 dec (6.11) 


This is the Maxwell distribution law for molecular velocities. Fig- 
ure 6.3 gives two curves showing the dependence of the fraction 


Fig. 6.2. Concerning the transformation of Cartesian coordinates to spherical 
coordinates: 


Spherical coordinates: c—radius of sphere; 9—latitude counted from the pole, and ®—lon- 
gitude counted froin the meridian passing through the y axis. The two closely spaced meri- 
dians and the two parallel circles form an area S on the surface of the sphere. The radius r 
of the parallel circle is equal to ¢ sin@, and one of the sides of the area rd D=c sin 0d®D, 
The other side of the area is evidently equal to cd. Becatise of the smallness of the area, 
we consider it to be rectangular: then S=c? sin UdUd DM. Now we.increase the radius of the 
sphere from cto ¢c+dce. With such an increase the area S will describe in space a paralle- 
lepiped of volume c?dcsin 0d0d®. It is this volume that is assumed to be equal (to an 
accuracy of infinitely small second order values) to a volume element in rectangular coordi- 
nates dxdydz. In order to take into account all the possible directions of the velocity, i. e., 
the radius c, It is necessary to change the latitude 8 from 0 to m and the longitude ® from 0 
O <i. 


of molecules having velocities between c and c+ 1 onc. As seen, 
the curves pass through a maximum which shifts to higher veloc- 
ities with increase of temperature. This means that with rise of 
temperature the number of molecules moving with increased ve- 
locities increases. To the peak of the curve there corresponds the 
most probable velocity a. Let us find the most probable velocity 
in an ordinary way, differentiating y =(1/N) (dN/dc) with respect 
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to c and setting the derivative equal to Zero: 
a=(——)" (6.12) 
il 


The average velocity with which the molecules move at a given 
temperature is obtained if we multiply dN/N from Eq. (6.11) bye 


o4 and integrate * between zero 
‘YALE ose 

- ix 

tf Qe 


a NG 
| \ x | e MORES to = 
0 
12345676 9 19 N12 BRT VY 
C*10 ,° m/sec = ( —— ) "= 1.128a (6.13) 


Fig. 6.3. The velocity distribution of 
oxygen molecules at two temperatures: 


1—T=273 K; 2—T=373 K. The Root-Mean-Square Ve- 
locity. Let us first calculate 
the average square of the velocity, ¢?: 


\ cr dN m fa c 
c2 = = An ( | emer 2kT A 4 (6.14) 


¢?* = ——. (6.16) 


* The integral ( e718» dg == '/,a is elementary. If we differentiate it with 
0 


oo 


respect to a, we obtain direclly \ e— 78" 53 dg = 1f,a7, 


0 
** We proceed from the above-given integral (see footnote to page 151) 
> i 
—ag’ __ 7 12 
| ow ae = (Z) 
and differentiating it with respect to the parameter a, we obtain 
+00 ; 
IF 
2.—ag* _ &t 
gre dg = —- 
\ & 9a 2 


= OO 
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Now, taking the square root, we find the root-mean-square ve- 


locity: 
7 3R i BONN 
= #=(=) =(5) a= 1.224a 6.17} 


nl 2 


Thus, the average velocities obtained difler in magnitude and are 
arranged in the following sequence: uw>>c>>ea. The root-mean- 
square velocity plays a very important part in the kinetic theory 
of gases since the gas pressure and the translational energy of 
the molecules of the gas are expressed in terms of u?: 


3 
PV =RT =. Nomu’?, E= 5 Nome = 5 RT (6.18) 


The molar heat capacity of an ideal monatomic gas or a part of 
the heat capacity of a polyatomic gas, which refers to translational 
motion, will be obtained by differentiation of Eq. (6.18) with res- 
pect to temperature: 


cy=(<5) — 2 p and Cp=Cy +R=ZR 


6.3. The Number of Binary Collisions 
of Gas Molecules 


Let us consider a mixture of gases consisting of molecules of 
types A and B; let the masses of the molecules be ma and ma. 
We first calculate the number of collisions of cone molecule of 
type A with molecules of type B per second. What is meant here 
by the term collision? The main difficulty is that, strictly speak- 
ing, molecules have no definite dimensions since the density of 
electron clouds never becomes equal to zero. However, procee:l- 
ing from this concept, it is impossible to calculate the number 
of collisions since the concept of collision itself cannot be defined 
either. Therefore, we make use of a crude model; molecules are 
likened to rigid spheres of various diameters. The diameters are 
determined by comparing the data of theoretical formulas with 
experimental measurements of the appropriate quantities (e.g., 


Differentiating once more with respect to a yields: 


a Br /2 
40-98 do = 

gee dg=—; 

) 4a! 


Now, from the symmetry considerations, we can write directly: 


.e, @) 


3 nh 
\ gre“ “8 dg= oy (6.15). 


Q 


155 Ch. 6. Elements of the Kinetic Theory of Gases 


the viscosity of a gas). In our case, the diameters of the mole- 
cules are assumed to be equal to Dx, and Ds. A collision is defined 
here as an event involving the contact between two imaginable 
spheres. For the number of collisions of molecule A to be calcu- 
lated, we imagine it moving in an arbitrary direction with an 
average relative velocity r, the other miolecule (B) is assumed 
to be immobile. A collision will take place if the centre of mole- 

cule B is at a distance not greater than 

Dat Op 

rr ae 


from the line of motion of molecule A (Fig. 6.4). The total num- 
ber of collisions of molecule A with molecule B per second can 
be found by multiplying the volutne, described per second by 
a sphere of radius Dag, by the 
number of molecules B in a 
unit volume (fs). 

The volume is equal to 
nap fF and the number of col- 
lisions is 


Fig. 6.4. Concerning the calculation D4 pitty (6. 19) 


of binary collisions. . , . 
The average relative velocity 


of the molecules, 7, does not 

coincide preciscly with the average velocity ¢ of molecules of the 
same type calculated earlier. We shall not deal here with rather 
cumbersome calculations; for details the reader is referred to 
books on physical chemistry. The essence of the problem reduces 
to the following. The velocity with which a system consisting of 
molecules A and B is moving may be represented as two compo- 
nents: 

(1) the velocity of their common centre of mass (it is of no 
interest to us in this particular case); 

(2) the relative velocity, i.c., the velocity measured from the 
fixed centre of mass. The square of this velocity is equal to 


r2 = (X, — Xp)’ + (Ya — YB) + (2a — 2p)’ 


The average value of rf is calculated by means of a method re- 
miniscent of the calculation of the average velocity ¢. The result 
is found to resemble expression (6.13) for ¢, the only difference 
being that the mass of one molecule, m, is replaced in the second 
case by the reduced mass of two molecules: 


mam 
— AUB (6.20) 


May + Mp 
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Thus, the average relative velocity with which molecules A and B 
are moving is given by 
8 lo 
r=( — } (6.21) 


TUL 


It should be noted that in the case of identical molecules m, = 
— Mg = ml and 
be == 11/2 and = -=2h@ 


Now, on the basis of Eqs. (6.19) and (6.21), we can finally arrive 
at the number of collisions of molecule A with molecules B per 
second: 


> ( 8ukT Yh ) fi 1 \)'h - 


On the right-hand side of this equation the gram-molecular 
weights are introduced instead of the masses of the molecules 
and the Boltzmann constant is accordingly replaced by the gas 
constant R. 

From relation (6.22) it follows that under standard conditions 
(1 atm and 298 K) the gas molecule experiences 10!° collisions 
per second. The other conclusions made from Eq. (6.22) include, 
first of all, the definition of the mean time between collisions 
as the inverse of the number of collisions per molecule per 
second: 


7—_—_ 1 I hw 10-8 sec (1 atm, 298 K) (6.23) 
Di phy Snr 

and, second, the mean free path A, i.e., the average distance tra- 
versed by molecule A between two collisions. The quantity A is 
calculated by dividing the average velocity ¢, by tv. Thus, 


cp’ 


= or (6.24) 
Dy yfty (SmkT)” 


The average velocity is known from Eq. (6.13): it is equal to 
€==(8kT/nm)'2. Further, we apply expression (6.24) to the case 
of molecule A colliding with like molecules. Then, as has already 
been shown, the reduced mass wt = m/2 and 

I kT | 
2’nD'n  2?nD?P | 


where the concentration of molecules n is expressed by the equa- 
tion of state for an ideal gas, PV = NkT or P = nkT. Hence, at 
constant pressure A is directly proportional to absolute tempera- 
ture, which is a direct consequence of the decrease of the density 
of the gas, i.e., the increase of the average distance between the 
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molecules. Accordingly, at constant temperature # is inverseiv 
proportional to the pressure jor the same reason. At low pres- 
sures the mean free path may be comparable with the dimensions 
of the vessel containing the gas. For chemical reactions taking 
place under these conditions the walls of the containing vessel, 
at which the recombination of free atoms and radicals to form 
bond-saturated molecules occurs relatively easily, may become 
very important. It may be noted that at room temperature 7 
attains 20 cm at a pressure of about 10-4 mm He. 

We shall not consider this in detail; we mercly point out that 
ihe mean free path is one of the quantities that determine the 
viscosity of a gas (yn). Naicly, 

n= con (6.26) 
where ¢ is the average velocity of the molecules and p is the 
density of the gas. Experimental determinations of the viscosity 
allow us to find A and, hence, the diameter of the molecule, D, 
using relation (6.25). This is one of the extensively used methods 
of determination of molecular diameters which are sometimes ca!- 
led gas-kinetic diaimeters. Other methods are based on measutre- 
ments of heat conductivity, diffusion, and also on the determination 
of the constant b in the van der Waals equation of state. 

Now we can find the number of binary collisions of molecules A 
with molecules B per unit volume (ml) per unit time (1 sec). To 
do this, we multiply the number of collisions per molecule A [re- 
lation (6.22)] by the number of such molecules in | ml. We get 


») | | M2 l 97 
Zan = Pan { SRT (a+ 7-) | TAMB T coe (6.27) 


Another important quantity in chemical kinetics is the total num- 
ber of binary collisions of identical molecules. To calculate this 
quantity, we put M, = Mg = M in formula (6.27) and introduce 
the factor '/p since without it we would count each collision twice. 
Thus, 


7 =D? 1 (6,28) 


~ \" a2 
6.4. The Number of Binary Collisions of Gas Molecules 


of Limited Energy with Energy Being Expressed 
by Two Quadratic Terms 


For many problems of chemical kinetics to be solved, it will 
suffice to assume that the energy of colliding molecules is con- 
centrated only in two degrees of freedom or, morc exactly, ts 
expressed by two quadratic terms. For example, when two mole- 
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cules collide, it suffices to take into account only the relative ki- 
netic energy of motion along the line connecting their centres. 
This means, first of all, that molecular velocities are measured 
relative to the fixed centre of mass (relative velocities). Second, 
use is made not of the total relative velocities but only of their 
components along the centre lines; it is these velocity components 
that determine the speed with which the molecules approach one 
another. Denoting these components by va and vs, we write the 
rclative kinetic energy along the cenire line in the following 
form: 


r= Nn (ea) 4 tp (en) (6,29) 


Let us calculate the number of collisions occurring at R equal to 
or greater than a certain critical value &, i.e. on the condition 
that RSE. 

Consider two colliding molecules as a single system. Since we 
take into account only the motion along ihe line of the centres, we 
may assume that such a system has only two degrees of freedom, 
one per each molecule. In a more general case, as has already 
been mentioned, one speaks of the energy being expressed by two 
quadratic terms; an example ts relation (6.29). 

Thus, we may limit ourselves with the consideration of two- 
dimensional motion and find the number of particles, i.e., pairs 
of colliding molecules possessing an energy not lower than EF 
in two degrees of freedom. We shall make use of the distribution 
law for one degree of freedom (6.7). With two degrees of freedom 
we shall examine the motion in the x and y directions. * Just as 
in a more general case of motion in a three-dimensional space 
considered above, the corresponding distribution law is written 
as the product of two expressions similar to Eq. (6.7). Hence, 


ru (x?+ 17?) 


an dN dN ORF. 
=( ), (4- ),> TakT ° dx dy (6.30) 
We introduce the symbol c for the two-dimensional velocity: 
C2 == f2 4? 
Thus, the expression 
mo? 
dN mM ORT 


is the fraction of particles for which the end of the velocity vector 
c will be within the confines of a rectangle of area dx dy 


* Mathematically, this treatment is quilfe equivalent to the motion of two 
particles in a s.ngle direction. 
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(Fig. 6.5). As before, we must climinate velocity restrictions as 
to direction. To do this, we pass over, with the aid of Fig. 6.5, 
from the rectangular coordinates to the polar coordinates. Now 
the element of the phase volume (surface) will be given to 
within infinitely small values ds 
y follows: 


dxdy=cd0de (6.32) 
We rewrite Eq. (6.31), substitut- 
ing Eq. (6.32): 


2RT nde (6.33) 


and, integrating over @ between 
O and 2n, we eliminate velocity 
restrictions as to direction. We 


obtain 
Fig. 6.5. The change to polar co- me? 
ordinates at two degrees of free- dN Thr 
dom. . y= e “Tl ode (6.34) 


Now the distribution law expresses the fraction of particles, whose 
two-dimensional velocity is in the range c to c+ dc, irrespective 
of the direction. Note that by modifying the distribution laws we 
always express the fraction of particles by the ratio dN/N in 
order to avoid encumbering the text with new subscripts. As a 
matter of fact, the quantity dN/N in Eq. (6.33) is not equal to 
that in (6.34). In the second case, the fraction dN/N is obviously 
greater by many times. 
We now pass over from velocity to translational energy e: 


€ = mc?/2 and de = imc dc (6.35) 
Substituting Eq. (6.35) into Eq. (6.34), we find the fraction of 
particles: 


dN l a 
whose energy is in the range e to e+de. Integration of Eq. (6.36) 
over e between e and infinity yields the fraction of molecules, 
whose energy is equal to or greater than e: 


Or 
Ne= Ne At (6.37) 
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or * 
__ —E/RT 
Nz = Ne 


Note that first the resulting expression (6.37) is the only case 
in the kinetic theory of gases where the fraction of molecules is 
simply equal to the Boltzmann factor exp(—e/RT); second, and 
this is more important, expression (6.37), which is obtained for 
two translational degrees of freedom, retains, as can be shown, 
its validity for any case where the encrgy is expressed by two 
quadratic terms. For instance, the energy of harmonic vibration 
(for more details, see Sec. 5.10) may also be represented by two 
quadratic terms corresponding to the potential and kinetic ener- 
o1es: 

Evib = Ug) -- T=— Kg += ug? (6.38) 


Here g is the shift from the equilibrium position, A, is the force 
constant, and p is the mass equivalent. Therefore, relation (6.37) 
may also express the number of diatomic molecules, Ne, with 
a vibrational energy equal to or greater than E (ergs/mole, 
cal/mole). Likewise, Ne may be regarded as the number of collid- 
ing pairs of molecules, whose relative kinctic energy along the 
centre line is equal to or greater than E, of the total number Zag, 
or Z [Eqs. (6.27) and (6.28)]. Using Eq. (6.37) for this case, we 
multiply Z or Zap by e-*/"" to find the value of Zz: 
E 


Zp=Ze (6.39) 


which will give the number of binary collisions of molecules, 
which occur with an energy equal to or greater than E on the 
condition that the energy is expressed by two quadratic terms. 
Formula (6.39) plays an important part in chemical kinetics. 


6.5. The Number of Binary Collisions with a Limited 
Energy Value when the Energy is Expressed 
by s Quadratic Terms 


In solving certain problems of chemical kinetics the presence of 
two quadratic terms in the energy expression is found to be in- 
sufficient. For example, in addition to the relative kinetic energy 
along the line of the centres of colliding molecules, the energy of 
vibrational motions inside the molecules themselves must be 
taken into account. As has already been said [Eq. (6.38)], the 


* Here E = Na, ie. the energy is calculated per mole rather than per 
niolecule; accordingly k is replaced by the gas constant R = kWNa. 


6—M 
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energy of every mode (degree of freedom) of vibration niay be 
expressed by two quadratic terms. If f vibrational degrees o/ [ree- 
dom must be taken into account, s = 27 + 2 quadratic terms will 
then appear in the energy expression. The mathematical manipula- 
tions called for in connection with the deduction of the number of 
binary collisions (also called two-body collisions) with an energy 
equal to or greater than E and expressed by s quadratic terms are 
rather cumbersome and we shall not give them here. * As a re- 


sult, we get 
5 sol + 5-9 | 
| (& (ar)? _ Gar)? z)° -—— 


| (Gs-0F “(Es—2)! 


Equation (6.40) is ordinarily used in a simplified { form, which is 
arrived at in the following way. If we divide, for example, the 
first term in square brackets by me second, the quotient 


Rt (4s—1) ai) 


will apparently be high if E is much greater than RT. Hence, on 
condition that 


(6.40) 


E >> RT (6.41) 


the first term is much greater than the second. The same may be 
said about every other term of the sum as compared with the 
next one. Therefore, in view of condition (6.41) we may in 
general eliminate all the terms of the sum, except the first one. We 


then get 
_ Gi -+ 
~ (fs-1l 


As can easily be seen, with two quadratic terms (s = 2) for- 
mula (6.42) turns into formula (6.39). The most significant point 
in formula (6.42) is that with ordinary values of E/RT and s 
the additional factor may have a value of several orders of mag- 
nitude. This means an increase in the number of collisions of mo- 
lecules having an energy equal to or greater than EF, with an 
increase in the number of quadratic terms. The physical meaning 


(6.42) 


* The derivation was first carried out by C. N. Hinshelwood (see C. N. Hin- 
shelwood, Kinelics of Chemical Change, Clarendon Press, Oxford, 1940). See 
also E. A. Moelwyn-Hughes, Physical Chemistry, Pergamon Press, 1964. 
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of this increase is clear—it is easier for a molecule or tmolecules 
to accumulate energy E if the latter is distributed over a large 
number of degrees of freedom. 


6.6. The Number of Triple Collisions 


We have defined a binary collision as the contact between two 
rigid spheres representing a molecule. If it is assumed that such 
a collision occurs instantaneously, then reasoning in the same 
manner and defining the collision of three particles as the contact 
of three spheres, we shall be faced with 
an unresolvable problem since the 
probability of a collision of three par- 
ticles will be equal to zero. Thus, it is 
expedient, following Tolman, to reject 
the concept of a binary (or two-body) 
collision as the moment when the cen- 
tre of the smaller molecule is on the 
surface of a sphere of radius Diy= 
—r,+fr2 (Fig. 6.6) and to assume that 
two molecules are in a “state of colli- 
sion’ as far as the centre of the smaller 
molecule is inside the spherical layer of 
radius Dy, and D,;.+ 6. The thickness 
of the layer 6 is arbitrary; we can only 
say that this thickness may evidently 
be of the order of 1 A. 

The average duration + of the thus defined binary collision can 
be shown to be equal to 


Fig. 6.6. Concerning the cal- 
culation of triple collisions 


t=5 (= omy (6.43) 


The quantity, which is the reciprocal of t, is the probability of 
breakdown of the binary complex during | sec: 


l l kT )" (6.44) 


tO 2m 


The volume of a spherical layer of thickness 6 (Fig. 6.6) is 4nDj.6. 
If the unit volume contains nm, large molecules of the first species, 
then the total volume of all the layers around them, which is equal 
to 4nDj2 6, will express the probability that the centre of the 
smaller molecule will be inside the layer, i.e., the probability of 
collisions. If the number of smaller molecules is no, then the 
number of simultaneously existing binary complexes, my, will 
be equal to 


ny, = 4D), da,n, (6.45) 
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Reasoning in an analogous way, for the other pair we find that 


4nxD33 5n3 is the probability of a collision of the smaller molecule 
with a molecule of a third kind. Hence, we can find the number 
of triple complexes in 1 cm?: 


Nyo3 = 40D 7 40D5,8 Nn Nyn; (6.46) 


The triplet ceases to exist when one of its constituent pairs is 
destroyed; the probability of the triplet being destroyed is equal 
to the sum of the probabilities of destruction of pairs, i.e., ac- 
cording to Eq. (6.44), 


| 1 kT ', l kT io 
TFs (sn ) + > \ ors ) (6.47) 


In the state of equilibrium * the number of triplets formed per 
unit time is equal to the number of complexes destroyed. This lat- 
ter number is found by multiplying the number of triple com- 
plexes in 1 cm’, which is given by Eq. (6.46), by the probability of 
breakdown of the complex [Eq. (6.47)]; thus, we can immediately 
write the total number of collisions between molecules of three 
different species in 1 cm? per 1 sec: 


— I 
Z 193 = 8 V2 0 "DiDegd (RT)? a at N Notts (6.48) 
Bip 93 


The expression derived is employed in studying termolecular reac- 
lions. It is especially important that the number of triple colli- 
sions (also called ternary or three-body collisions) is proportion- 
al to the product of the concentrations of three types of colliding 
molecules. Of importance in kinetics is a triple collision of the 
type 
2A+B—.-: 

In this case, only the concentration term in formula (6.48) will 
undergo a substantial change: instead of ninongs there will appear 
the product 7,2. To the other cofactors there will be added an 
extra cocfficient of minor importance. 


6.7. The Frequency of Collisions 
of Molecules with the Wall 


Let us determine the number Z of molecules colliding with a 
flat surface of area | cm? per second. Suppose, for example, that 
we have a rectangular area of indicated size chosen on the yz 


* Here the usual assumption is that the possible reaction between three mo- 
lecules does not upset the equilibrium. 
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plane; if the average velocity in the x direction is x, then, appar- 
ently, all the molecules inside the parallelepiped of height x 
will strike the indicated area per second. With the concentration 
of molecules being equal to nm cm-° the number of molecules in 
the volume of the parallelepiped is equal to nx. Thus, the fre- 
quency of collisions of molecules with the wall will also be 


equal to nx, L.e., 
Z=xXn (6.49) 


The average velocity of molecules in a given direction has been 
calculated earlier [formula (6.8) ]. 
Substitution of Eq. (6.8) into Eq. (6.49) gives 
RT \'‘h 
z=n(>—) (6.50) 
If, finally, we make use of the equation of state for an ideal gas, 
p = nkT, the number of collisions of molecules per | sec per 1 cm? 
of flat surface can be given by 
P 
7 (QnmkT) 
This equation obtained by Hertz in 1882 is employed in the study 


of evaporation, condensation, and adsorption processes, heteroge- 
neous chemical reactions, etc. 


(6.51) 


6.8. Diffusion of Gases 


Self-Diffusion. Suppose that, for some reason or other, the con- 
centration in a gas becomes non-uniform. For example, along the 
z axis (Fig. 6.7) there occurs a concentration gradient dn/dz. 
Then, there arises a phenomenon called diffusion—the transport 
of a substance in the direction of the decrease of the gradient. 
Figure 6.7 shows three planes of area Q which are perpendicular 
to the z axis at a distance of the mean free path. The concentra- 
tion is n at the ABCD plane, n + A(dn/dz) at the upper plane, and 
n —i(dn/dz) molecules/cm? at the lower plane. If the average 
velocity of molecules in the z direction is 2, then the number of 
molecules crossing the ABCD plane per unit time will be 
2Q[(n — Adn/dz)| from bottom to top, and 2Q[(n + Adn/dz) } 
from top to bottom. 

The excess of substance transported upwards is given by 
According to Fick’s empirical law, the same number is proportion- 


al to the area of the interface and the concentration gradient 
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with a minus Sign, L.e., 
—— = — DQ —— 16.53) 


where D is the diffusion coefficient. 
Comparing expressions (6.52) and (6.53), we see that 


D= IGh = OA 


Substituting into this expression the velocity of one-dimensional 
motion from formula (6.8) and the mean free path from 
Eq. (6.25), we get an expression for 


Z -ff---- +922) the diffusion coefficient: 


CE TONY 
« D p=—— (— ) 7 (6.54) 
wO*rn Iti 


from which it is seen that at con- 
stant pressure D is proportional to 
the temperature raised to the power 
3/2, i.e., it does not depend on tem- 
perature very strongly.* Here and 
y afterwards, the gas-kinetic molecular 
diameters are designated as o in 
Fig. 6.7. Concerning the cal- Contrast to the diffusion coefficient 
culation of the diffusion coeffi- 0D. On the basis of Eq. (6.54) it is 
cient. easy to show that even at low tem- 
peratures the so-called temperature 

coefficient of diffusion (thermal diffusion coefficient) 


D 
T +10 


is close to unity. This conclusion is important for the study of 
the rate of heterogeneous chemical reactions: when the tempera- 
ture coefficients of the reaction velocity are not much greater 
than unity, this is an indication, in most cases, that diffusion ifs 
the rate-determining step of the process. The diffusion coefficient 
can be determined by experiment and formula (6.54) can be 
used to find the molecular diameter, whose value coincides, with- 
in reasonable limits, with that found from viscosity by formula 
(6.26). 

Diffusion in Gas Mixtures. Let us consider a mixture of two 
ideal gases with average concentrations mn; and ne of molecules 
in 1 cm’. We assume that the gas pressure, which is proportional 
to ny + fz, remains constant at all points. Therefore, the sum of 


* As compared with the exponential dependence of the reaction rate con- 
stant on temperature. 
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the possible concentration gradients for any direction is equal to 


zero, 1.€., 
dn 
dz 


dtr 
dz 


+ — 0 (6.56) 
In the presence of concentration gradients there takes place the 
process of interdiffusion. In this process, the gas with a lower mo- 
lecular weight will diffuse more rapidly in accordance with the 
greater D [formula (6.54)]. As a result, there may be developed 
a pressure difference, which is compensated for by the mass 
transport of the gas. Let this transport take place in the z di- 
rection with velocity vo. Then the number of molecules crossing 
a plane of area | cm?, which is perpendicular to z, will be 


dN > dn ~ 

= = Uo, -— 22;A = (6.57) 
and 

aN —_ fh . 

— = Uol2 220A9 Ps (6.58) 


By the condition of the constancy of pressure at all points in the 
system the total number of molecules crossing the plane in the 
given direction must be equal to zero, L.e., 
dN, . dN 
“att di 
On the basis of Eqs. (6.57), (6.58), and (6.59) we find the speed 
of mass transport: 


— 0) (6.59) 


2 
U9 FS ny + Np jz H+ Ze 2 =} (6.60) 
In the discussion that follows it will be more convenient to re- 
place the average velocity of unidimensional motion simply by 


the average velocity. According to Eqs. (6.8) and (6.13), z= 
= ('/,)c, and therefore 


Up = 


l dtr 
Tomy eae +e } we) 
In the last equation the concentration sradient are equal [in 
accordance with Eq. (6.56)] in absolute value and opposite in 
sign. Taking the gradients, one at a time, out of the braces and 
substituting up into relations (6.57) and (6.58), we get, replacing 


z= ('/4)c, 


IN, NyCoXo +- Nol A dn 
dt { 2 (ny; + ny) } dz (9.62) 
and 
aN _ {a + tol Ay \ dno (6.63) 
dt = 2 (ny + ng) dz 
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It is obvious that the factors at the concentration gradients are 
identical and equal to the diffusion coefficient of each of the gases. 
Hence, the interdiffusion coefficient is given by 

NCohe + neliA, 


2 (m + m2) 
In accordance with formula (6.24) the mean free path of a mo- 
lecule of the first type in the second gas is defined by 
A= es — te 
Oiofty (BURT)? = ROTofty (1 + m,/m,)” 


D,,2= == De | (6.64) 


and the corresponding quantity for a molecule of the second type 
in the first gas is given by 


ho = 


102M; (1 + mo/m,)? 


Substituting the mean free paths and average velocities into 
Eq. (6.64), we get an expression for the interdiffusion coefficient: 


ORT \ 2 


— ! ( =: Do, | (6.65) 
Nyy (1 + My) \ my 


Dy. ) 


where 
M1, Pilg 


B iy + Mle 


expresses the reduced mass of the molccules. 

In deriving formula (6.65) it was assumed that the diffusion 
is hindered only by collisions with molecules of another species 
since the collision with a molecule of the same type “forces” the 
molecule being struck farther and the diffusion is thus not retard- 
ed. Formula (6.65) is called the Stefan-Maxwell formula and is 
more consistent with experimental data than the formula derived 
from other assumptions. Similar formulas have been obtained by 
Langevin and Chapman. 


CHAPTER 7 


Simple Kinetic Theory 
of Activated Collisions 


7.1. Bimolecular Reactions 


The collision theory is based on the simple idea that for bimo- 
lecular reactions to take place, two molecules must collide, i.e., 
must approach close enough each other in order to react. Hence, 
the rate of the reaction, i.e., the number of molecules that react 
in unit volume per unit time, must be proportional to the number 
of collisions of the molecules (or to the number of colliding mo- 
lecules) in the same volume for the same time. 

likening the molecules, at a first approximation, to elastic 
spheres and using, in this connection, formulas (6.27) and (6.28) 
for the number of collisions, we shall consider two cases. 

1. Identical molecules collide and react; for example, 


HI + HI —~> H,+ 1]. 
Then the rate of the reaction will be 


aT " 9 l 
M cm?-sec 


wy = 42D? 1 (7.1) 
where g is the proportionality factor, D is the molecular diame- 
ter, n is the concentration expressed by the number of molecules 
in | em’, and M is the molecular weight. 

2. Different molecules collide and react. For example, 


The reaction rate in this case is given by 


/ 9 . | | VM | ~ 
9=9 OB {a1 (a7- + in ) "A"B Cini -see (7.2) 


From formulas (7.1) and (7.2) there directly follows an impor- 
tant conclusion: bimolecular reactions are second-order reactions 
(such reactions have been defined earlier). But, for the rate of the 
reaction to be calculated, it is necessary to know the proportion- 
ality factor g; it is very small, as can be shown. Let us consid- 
er, for this purpose, the reaction of decomposition of hydrogen 
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iodide at a temperature of 556 K and a concentration of 1 mole 
of HI in 22.4 litres *. The molecular diameter is assumed to be 
equal to 3.5 & 10-§ cm. Hence, the number of colliding molecules 


| c — 7 I 
22 = 4D? a} ‘n? = 4(3.5 x 107°)? x pete es x — x =} "x 
6.02 X 1073 


9 
~~ 29 —o — } 
39.400 ) mz 1.2 < 10°? cm’ sec 


x 
In order to find the number of actually reacting molecules we 
make use of the experimental value of the rate constant found by 
Bodenstein and equal to 3.516 & 10-4 cm3/mole-sec. Thus, the rate 
of the reaction is given by 


_ 2 -4(_1 > 23 1-3. =} 
w = ky, [HI]? = 3.516 X 10 (ssaas) 6.02 X 10% = 4% 10!! em sec 


Now we can easily find the proportionality factor: 


4X 10!! 


— 2 ANY —18 
=Tay1ow 29% 10 


Such is the fraction of molecules (out of the total number of collid- 
ing molecules) that enter into reaction. Approximately the same 
can be expressed in a somewhat different manner. It has already 
been shown, with the aid of formula (6.23), that the average time 
between collisions, t, has a value of the order of 10-!9 sec under 
standard conditions (1 atm, 998 K). The half-life of molecules 
would be of the same order of magnitude if every collision were 
effective and resulted in reaction. In fact, it is usually greater 
by 10!°-102° times. 

Thus, not all collisions lead to reaction. Several causes may 
be indicated: 

1. The necessity of an appropriate orientation of molecules at 
the moment of collision. Perhaps, more or less complex molecules 
can react if at the moment of impact they are properly oriented 
with respect to each other in space, i.e., if they form a configura- 
tion most suitable for the rupture of some bonds and the forma- 
tion of new bonds. The fraction of collisions of appropriately 
oriented molecules is ordinarily estimated with the help of the 
steric or probability factor P. The values of P are less than unity. 
According to the data available, it may be expected that they 
have values ranging from those close to unity to 0.1-0.01-0.001, 
depending on the complexity of the reacting molecules. The theo- 
ry of collisions does not provide a method of calculating the ste- 
ric factor. It can be determined by comparing the calculated ve- 
locity with that found experimentally. 


* Such are the concentration units used by Bodenstein. 


7.4. Bimolecular Reactions 171 


2. The necessity of stabilization of the molecule. As known from 
Chapter 2, for a bimolecular association of atoms or simple radi- 
cals, of the type H + H— Hp, to be effected, a vibrationally excit- 
ed molecule must be stabilized. The energy of excitation is at 
least equal to, and more often greater than, the energy required 
to break the bonds and therefore the quasi molecule formed exists 
only for one half-period of vibration, i.e., approximately for 
10-'4 sec. What are the conceivable ways for the loss of excess 
energy? First, it is evident that this energy is intramolecular and 
cannot be transformed into the translational energy of the mole- 
cule as a whole according to the law of conservation of energy. 
In principle, the excess energy could be radiated in the form of a 
photon. * However, in practice, evidenlly this path is excluded 
and the stabilization takes place by way of imparting the excess 
energy to a third body (see Sec. 2.3). 

3. Quantum Interference Effects. If in a reacting system there 
must be changed the electronic state, say, the multiplicity, then 
the reaction will be slow, other conditions being equal. As an exam- 
ple of such reactions, called non-adiabatic reactions, we may cite 
some processes of cis-frans isomerization, in which the pre-expo- 
nential factor of the Arrhenius equation, Z, is only 10° sec—! or 
less (instead of the normal 10!%). It is possible that in such reac- 
tions the singlet ground state must turn into the triplet state, 
and the probabilities of such electronic transitions (forbidden 
transitions) are low. As other examples of non-adiabatic proces- 
ses may be cited the processes of recharging of ions; for example, 


My; +My; —> M,+My 
M,+M3* —>» M[>+M3 


4. Energy of Activation. A necessary condition for the effective- 
ness of a collision is the sufficient collision energy. The above- 
listed factors responsible for the decrease of the number of effec- 
tive collisions operate in isolated cases. Since the time of Arrhe- 
nius, however, the energy condition has been thought to be the 
most important: an effective collision is primarily a collision in 
which molecules possess sufficient energy for them to be activat- 
ed. The necessity of a sufficient energy, or even an excess energy, 
for an elementary reaction act to occur between bond-saturated 


* The shortest lifetime t of a vibrationally excited molecule with respect 
to the radiation process is observed in dipolar molecules. With a dipole moment 
of the order of 10-'8 e. s. u. the value of t is 10-2? to 10-% sec. For molecules 
having no dipole moment, t is considerably greater, of the order of 1 sec. Since 
the vibrational frequency is about 10*+'* sec—', the probability of a molecule of 
the type He (which has no dipole moment) being self-stabilized will be of the 
order of 10-'4, 
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molecules may be demonstrated by the reaction 2HI— Ho+l,, 
which is a model reaction in our treatment. 

Suppose that two molecules (spheres) of hydrogen iodide are 
brought into contact with each other (Fig. 7.1). The gas-kinetic 
diameter of HI is 3.5 A. It is exactly this distance that separates 
the nuclei of the atoms H---H and I---I. But the internuclear dis- 
tances in the reaction products are considerably smaller: 0.76 A 
in H,. and 2.66 A in I,. In other words, the molecule HI must be 
considerably deformed during the collision for the corresponding 
atoms to be brought closer together and to give reaction products 
by forming new bonds. For such a deformation to occur. a consid- 


3.54 


Fig. 7.1. An approximate distribution of | Fig. 7.2. The velocity of rmole- 
atoms at the beginning of the collision cules at the mo:ment of collision. 
of two molecules of hydrogen iodide. 


crable amount of energy must be expended; this energy is known 
as the energy of activation. 

From the standpoint of the collision theory the energy of ecti- 
vation may be defined as the minimum required energy that a mo- 
lecule must possess at the momeuit of collision in order to react. 

It is clear that the number of such activated collisions is mitch 
lower than the total number of collisions. To compute the number 
of activated collisions, if is necessary to establish what kind of 
energy is involved in the activation. Properly speaking, it is not 
the kind of energy itself but the number of quadratic terms in 
the energy expression that is important at the first stage of cal- 
culations. In the simplest variant of the collision theory of bimo- 
lecular reactions we are concerned with the relative kinetic ener- 
gy of molecules along the line connecting their centres. 

First, within the scope of the problem under consideration, it 
is reasonable to discount the total velocities of molecules mov- 
ing, for example, relative to the walls of the vessel, and to place 
the origin of the coordinate system at the centre of the mass of 
the colliding system (at point O in Fig. 7.2). The velocities va 
and vp as ineasured from point O may be called the relative velo- 
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cities (see also Sec. 6.4). However, it is not these velocities either 
that are important to the reaction, as one might think. The defor- 
mation of molecules, which is associated, so to say, with the 
“head-on force’, will be determined by the projections of the 
vectors va and vg onto the line joining the centres of the mole- 
cules, i.e., by the relative velocitics along the line of the centre, 
va, and vg. The sum of the corresponding kinetic energies 


My (o,)” Mp (v,)° 


is called the relative kinetic energy along the line of the centres. 
The condition for the efficiency of a collision, i.c., for a reaction 
to be accomplished, is the relation 


RSE (7.3) 


where £ is the critical value of energy, i.ec., the energy of activa- 
tion. 

The problem of the number of binary collisions satisfying the 
condition (7.3)* has been solved carlier (Sec. 6.4). Namely, 


yg E/RT 
2p = <e 


Or 


< a 
E eo E/RI 


_,—,’ 17, 
. g=q (7.4) 


In the simplest version of the theory under consideration it is 
assumed that the rate of the reaction is equal to the number of 
activated collisions. Therefore, the ratio (7.4) determines ihe pro- 
portionality factors g and q’ between the reaction rate and the 
total number of collisions in expressiens (7.1) and (7.2). We 
rewrite them: | 

(1) for identical molecules 


URT )'/2 _ _ _ 
w= 2p} } ne FIRE for” 3 soe!) (7.5) 


M 


(2) for different molecules 
I l "V2 _FIPT _: _. 
Oe Dian {SRT (a + a~)} Ann) .é E/RI (cm 3 sec ') (7.6) 


In what follows it is reasonable to pass from velocities to rate 
constants; first, we write 


* The quantity ze. represents, in general, the number of collisions w.th an 
energy greater than E provided that this energy is expressed by any two qua- 
dratic terms of the type (6.29). 
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and 


Second, comparing expressions (7.5) and (7.7), and also (7.6) 
and (7.8), we get for like molecules: 


MRT 2 _¢ _E 
ke = 9D? ary ? gp EIRT __ yg EIRT (7.9) 


if the reaction rate is determined with respect to one of the reac- 
tion products. Or 


v T M9 — }* mw Jo / J? 
ky, = 4D? | @ BIKE ogg BIRT (7.10) 


if the decrease of the number of reactant molecules is to be de- 
termined. 
For unlike molecules we evidently get 


/ l ] n —f | _ 


On the basis of Eqs. (7.9) and (7.11) we can write a general 
theoretical expression for the rate constant of a bimolecular reac- 
tion: 

kip =ze on (7.12) 


in which Zp is the number of collisions at a conceniration of mo- 
lecutes equal to unity (2 is known as the standard celiision fre- 
quency), and £ is called the true energy of activation, in distinc- 
tion to the experimental, apparent or Arrhenius energy of activa- 
tion, Ea, from formulas (4.11) and (4.15). As will be shown, E 
diflers from Ey. On the whole we may still assert that the theore- 
tical equation (7.12) is closely reminiscent, in its form, of the 
Arrhenius equation (4.15) and allows the rate constant to be 
expressed in terms of two cofactors: the pre-exponential factor 2, 
which is but slightly dependent on temperature (~ 7’), and the 
term) exp(—E£/RT) which is what defines the principal depeni- 
ence of Ay, on 7. The coincidence of the forms of functions (4.15) 
and (7.12) may undoubtedly be regarded as a success of the 
theory developed independently by Trattz (1916) and Lewis 
(1918).* 

The theory under discussion provides no methods for theoreti- 
cal calculation of the energy of activation, therefore when this 
theory is compared quantitatively with cxperiment we have to 
compare only the easily calculable pre-exponential factors or to 


* Trautz published his work in Germany and Lewis, in the USA during the 
World War I when there was no exchange of information between the two 
ecintr.es. 
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eee oe 


make use of the experimental energy of activation for the calcu- 
lation of the rate constant. 

Let us return to the reaction of decomposition of hydrogen iodide. 
We shall still assurne that E = E, = 44,560 cal/mole and calcu- 
late the coeflicient g for the temperature 556 K: 


This calculation is not exact since it makes direct use of the exper- 
imental energy of activation. The value of g, however, is in sat- 
isfactory agreement with the value calculated earlier, on the 
basis of the reaction velocity taken directly from experiment, by 
means of relation (7.2): go = 3.3 X 10-'® Such an agreement is 
regarded in kinetics as a very good agreement and it was histor- 
ically the first success of the theory of active collisions. Similar 
good results have been obtained for a number of other gas reac- 
tions—the formation of hydrogen iodide, the decomposition of 
nitrosyl bromide and chloride, the Butlerov reaction * and other 
reactions in the gas medium and in solutions. 

Now we establish the relation between the experimental (or 
apparent) and true energies of activation. Equation (7.12) may 
be represented as follows: 


ee ppg EIRT — re 
k=cT"e or InR Ine-->ln? RT 


If we differentiate In & with respect to temperature, we ¢:! 


dink 1 1 E Bray Rt 


qr 2 TURP RP (7.13) 


The last relation should be compared with the Arrhenius differen- 
tial equation (4.12). In view of the identity of the derivatives, we 
find 


I 
The true energy of activation 
E=E,—>RT (7.14) 
appears to be independent of temperature if £a is considered to 
be constant at a first approximation. Applving relation (7.14) to 


the decomposition of hydrogen iodide, !{!, we obtain for the tem- 
perature 506 K: 


E = 44,560 — > 2X 596 = 44,00) cal/mole 


* The combined decomposition of alkyl todide and hydrogen iodide: RI + 
+ HI] = RH}+ Ie. 
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The example given shows that the difference between E and Ex 
is usually not great and is not infrequently found to lie within 
the experimental error. 

If we continue to compare the basic formula of the collision 
theory with experiment, we pass from concentrations expressed 
by the number of molecules per | cm* to concentrations expressed 
by the number of moles per cubic centimeter (or per litre). Then 
the rate constant of a bimolecular reaction involving different 
molecules (7.11) may be rewritten, using the following relation 


b | litre | 1! Na 
II {| mole+sec J} !! 1000 


cm? ? 
eu |snotessee |= AUN 


OF 


where Na is the Avogadro number. Narnely, 
9 Vo op 
kiy = NaDin fexkT(q7-+——)} se BIRT (7.15) 
4 Ma Mp 


The pre-exponential factor in formula (7.15) is designated as 
Z), as before; the relation obtained in this case is outwardly rem- 
iniscent of Eq. (7.12), but the numerical values of 29 differ by the 
Avogadro number: 


9 ! I '/2 cm? 
Ly >= NA Dag j8xk7 (a +- a) “mole: sec. (7. 16) 


Apart from the universal constants, the quantily 29 includes also 
{he average molecular diameter Das; for ordinary molecules the 
diameters do not differ strongly and are of the order of 10-° cm. 
The other variables—temperature and molecular weights—are 
included in 29 under the root sign. Thus, for ordinary molecules 
at not too high temperatures it is possible to calculate a certain 
averaged value of 2 and to make use of it as the reference stan- 
dard in the assessment of the applicability of collision theory. * 
We obtain 


29 ~ 2.8 & 10!'* cm?/mole+sec = 2.8 & 10!! litres/mole sec (7.17) 


Reactions for which the pre-exponential factors are close to 
the indicated value are called normal reactions. From Table 7.1 
which lists a number of bimolecular reactions it follows that, 
along with normal reactions, there are a certain number of reac- 
tions for which the experimental values of A are greater than the 


* In the case of a more exact estimation, the quantity T’ is also omitted 


from the expression for 2, ie., 29 = Aol”. The value of Ao is of the order 
of 10!2-10!3, 
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TABLE 7.1. The Constants of the Arrhenius Equation 
for Selected Bimolecular Reactions (Aexp in cm?- mole -sec”) 
Temper a- 
Reaction ture oc Be kca!/mole ‘O78 Aexp P 

H, + I, = 2HI 983-508 39.0 14.1 ca. | 
OHI =H + [y 983-508 44.0 13.9 ca. 0.3 
HI + CH,I = CH; +17, 250-310 33.4 14.3 ca. | 
HI + C,H;! = CoH, + I, 950-310 99.8 13.7 ca. 0.2 
HI + p-Calyl = C3Hs + Ie 950-310 — 14.1 ca. 1 
ONOCI = 2NO + Cl, 150-250 94.5 13.0 ca. 0.04 
D, + HC! = HD + DCI 492-570 53.2 15.5 > 1 
H, + IC] =III -+ HC! 9205-241 33.9 15.2 > | 
90, = 30, 85-250 98.2 18.8 > | 
OH + H, =H,O+H 600-1100} 10.0 14.1 ca. | 
OH + Cols = H,O + CoH; 75-250 5.5 14.1 ca. | 
CH, + CH, = CH; + CH; 350-525 14.3 11.5 107° 
CH, + CoHs = CH, + CoH; 95-340 10.4 11.31 | 75% 107° 
CH, + n-C,Hip = CH, + CyHe 95-340 8.3 11.1 4x 107! 


calculated z) values by 1-3 orders of magnitude. Such “fast” 
reactions may be accounted for by the participation in the activa- 
tion process not only of two translational degrees of freedom but 
also of other kinds of motion, primarily, vibration. In this case the 
number of activating collisions should be calculated not for two 
quadratic terms [formula (6.39)], but for s>>2 [formula (6.42)]. 
A more detailed treatment of this will be given at a later time in 
connection with unimolecular reactions (see page 189): at this 
point it will suffice to indicate that the values of log A equal to 
15.5 and 15.2 (Table 7.1) would correspond to 4 quadratic terms. 
However, for ozone to be decomposed (log A~18.8) there are re- 
quired 18 quadratic terms. This number is thought to be too large 
since the vibrational motion in two molecules of ozone can pro- 
vide only 12 terms and there arises the need to resort also to 
rotational motions. There remains the puzzle how the energy dis- 
tributed over such a large number of degrees of freedom can She 
concentrated at the moment of collision at the bonds being rup- 
tured. Perhaps, another explanation should be sought for. 

“Slow” reactions constitute another formidable difficulty in the 
collision theory. As has been established, the values of pre-expo- 
nential factors of many bimolecular reactions are much lower 
than the “normal” value, i.e., about 10’. To find a wav out of 
this difficulty, the steric or probability factor P (which is less than 
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unity) mentioned earlier was introduced into the expression for 
the rate constant, i.e., the following equation was used: 


(7.18) 
As can be seen from Table 7.1, P attains values from 10-° to 10-4. 

Interesting is the attempt made by Moelwyn-Hughes to consid- 
cr the applicability of the variant of collision theory under dis- 
cussion to reactions in solutions. 
Based on the data on 200 reac- 
tions he constructed a graph, 
the values of log Avexp) being 
plotted along the abscissa and 
the number of reactions along 
the ordinate. At log A = 14.3, 
which is close to the ‘normal’ 
value, log 2.8 &K 10'4 = 14.45, 
there was obtained a curve 
with a sharply prominent maxi- 
mum (Fig. 7.3). As seen, the 


Number of reactions 
Ro 
| 


13.15 17 19 2f 
£09 Aexp 


5? OG 


Fig. 7.3. The distribution of bimolec- 

ular reactions in solution according 

to the value cf the pre-exponential 

factor (after Moelwyn-Hughes). The 

experimental values of A are in 
cm?- mole—!+sece—}. 


values of A lie between 10! 
and 10'* for 35 reactions and 
between 10!” and 10!® for only 
o reactions. Thus, the majority 
of bimolecular reactions in so- 
lutions proceed with normal 
velocities. The asymmetry of 
the distribution curve may also 
be noted: the curve is steeper 


at high rates. This means 
that there are more “slow” than fast reactions. The occurrence 
of fast reactions may in certain cases be accounted for by the 
catalytic effect of the solvent. It will be expedient to return to 
such reactions in the discussion of homogeneous catalysis. As to 
slow reactions, even in this case the problem remains unsolved. 
To the category of especially slow reactions belong the Menshut- 
kin reactions which are reactions of combination of alkyl iodides 
with tertiary amines. For example, the formation of tetraethylam- 
morium iodide 


CoHsI + (CoHs)aN 


proceeds at a rate about 10° times slower than the normal rate: 
P=10-°. In other similar cases the steric factor attains valties 
of 10-8 to 10-9. This cannot be explained by the effect of the sol- 
vent since the value of P for some gas reactions is of the same 
order. The present-day interpretation of P values will be taken 
up at a later time. 


—-> (CoH5),NI 
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7.2. Unimolecular Reactions 


There is ground for believing that the elementary mechanisin 
of many reactions consists of a spontaneous decomposition of 
individual molecules. As we already know, such a decomposition 
is called monomolecular (or unimolecular). Without making any 
assumptions as to the mechanism of the reaction and the charac- 
ter of intramolecular changes we shall first show that a purely 
Statistical treatment of the unimolecular decomposition leads to 
an equation for a first-order reaction, i.e., to the exponential law. 
The only controversial assumption, which will be adopted here, 
consists in the following: the decomposition of a molecule is an 
individual event, i.e., it is independent of the decomposition of 
the other molecules. Therefore, the probability P of the event 
that the molecule will survive and attain the lifetime ¢ depends 
(under specified conditions, i.e., temperature) only on the length 
of this lifetime, t.e., 

P=; (f) 


The probability of the molecule attaining the lifetime f47 will 
evidently be a function of f+, i. e, f(f4+t). On the other hand, 
this survival for the time f++t may be regarded as a complex 
event consisting of the survival for the time length from 0 to f 
and from f to f+t. These last events may be considered to he 
independent. The probability of a complex event will therefore 
be represented by the prodict of probabilities. Thus, 


f (f+ t) =} (£)} (t) 
We differentiate this expression with respect to ¢, the value of t 
being assumed constant: 
M(t t=" (t) P(t) 
Dividing now this expression by the previous one, we get 
Mm(ftoty fF (ob) 
pitty F(t) 
Since t is an arbitrary quantity, then generally 
}* (t) 
I (f) 
On the other hand, the probability of the lifetime ¢ = 0 is appar- 
ently equal to unity, and the probability of the molecule living 
for an infinitely long time is equal to zero. Therefore, f(t) is 


a decreasing function of time and the constant with respect to 
the derivative of the original function is negative, i.e., 


PO og op Hh ea 


| 


= constant 
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Hence, from the initial condition [(0)=1 we find 


If the probability for one molecule to survive during time f¢ is 
equal to exp(—Ait), then of the Mo molecules present in the 
system at the initial moment ¢ = 0, there will remain, on the av- 
erage, by the moment ¢ 


—k 
N == Noe 1 


This relation is in good agreement with the well-known formula 
(2.9) for a first-order reaction. 

Thus, we arrive at the conclusion that unimolecular decompo- 
sitions must be described by first-order equations. However, this 
is not always so, and this is apparently valid under the conditions 
of a statistical equilibrium when the decomposition of the mole- 
cule does not alter the concentration of molecules capable of de- 
composition. The statistical interpretation of the unimolecular 
decomposition expounded here is applicanic, without reservations, 
to the description of spontaneous transtoriiailons of atoms of 
radioactive substances. It is clearly insufficient for unimolecular 
reactions. The rate of decomposition of molecules depends on tem- 
perature, and this is an indication that there is a relationsiip 
between reaction rate and moiccular interactions. 

As we continue to treat the problem statistically, we shall sup- 
pose that the molecules of substance A in an activated state with 
energy Eq, the equilibrium concentration of which is not affected 
by the course of the reaction, are subjected to unimolecular decom- 
position. Properly speaking, a more gencral assumption 15 
miade—the course of the reaction does not unset the equiltbiium 
distribution of velocitics and energics among molecules. There- 
fore, we may use the Boltzmann law (5.33), according to which 
the number of activated molecules is given by 

o talkt ge lt 


Ng=N —*—__=N 
y g evil Q 
t 


Here N is the total number of molecules of substance A; g’s are 
the statistical weights of the states; Q is the partition function. 
Suppose that for each of the activated molecules the probability of 
reacting for one second is equal to &g. The number of molecules 
that will react per second is given by 


> katae wl 
dN a 
— yp NA (7.19) 
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where &; is the first-order rate constant. If we determine A; from 
relation (7.19), we are to differentiate with respect to temperature, 
assuming Ra is constant: 


E —e&,/kT —e@,/kT E; —@./kT 
QD tagir eae — Dikatoe Digger ee | 
dR _ a Qa t 


dt Q? 


€ —e@, [kT —e,/kT E, —2./kT 
Dike ee” D Ratae ™ dD gpraie | 
a l 
(? 7 Q? 


‘Now we divide the last expression by fy. If we assume that the 
probabilities Ry are independent of the absolute value of e., we 


Shall get: 


—e@/kT —e /kT 
egpe 4 > ece ! 
! » a°’a Et 
diner, 7 ; 


—e /kT —e./kT 2 
dt y ge al > ue il Rif 
a L 


But the first term in square brackets is the average value of the 
energy of activated molecules, eu, and the second term is the aver- 
age energy of all the molecules (e,). Therelore, using also the 
Arrhenius equation (4.10), we get 


d\n Ry by Tee Ey 
d f i] - RYré 
Thus, 
_ : _, energy a 
EA = N 4 (e,, e ) “Mo0ie- ta ud) 


The statistical treatment of the problem leads to a consequence 
which is the definition of the Arrhenius energy of activation: The 
activation energy of a reaction is equal to the ditrerence between 
the average energy of activated molecules and the average ener- 
gy of all the molecules. 

The problem of the origin of the energy of activation in unimo- 
Jecular reactions still remains unsolved. This probiem was tackled 
in various ways at different times; relerence was even made 
to an external energy source in the form of incoming radia- 
tion. At present, the Lindemann hypcthesis * (1922) is universally 
adopted. Lindemann pointed out that the behaviour of unimole- 
cular reactions can be explained on the basis of bimolecular colli- 
sions provided that we postulate that a time lag exists between 
activation and reaction during which activated molecules may 


* Also known as the time-lag Lindemann theory. — Tr. 
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either react or be deactivated to ordinary molecules. To ascertain 
the essence of the matter, consider the reaction A—B-+C which 
is expected to proceed unimolecularly. 

According to Lindemann, the mechanism of the reaction in- 
volves the jollowing steps: 


(1) A+A —> AT+A k, activation 
(2) A* —> B+C k, decomposition 
(3) A*+tA —> A+A k, deactivation 


An activated molecule appears in the first process: possibly, the 
relative kinetic energy of two colliding molecules is converted 
into the vibrational energy of the activated (energized) mole- 
cule A*. In the second process the activated molecule is decompo- 
sed. However, as a rule, process (2) takes place not immediately 
after process (1) but upon the lapse of a certain finite time 
(which is what constitutes the main difference from a bimolecular 
reaction) required for the energy to be redistributed inside the 
molecule and to be concentrated at the bond to be broken. What 
has been said may be illustrated by the following example. Sup- 
pose that process (2) is the decomposition of ethane into {wo 
methyl radicals: 
H3;C—CH, —_> H2C + CH, 


Evidently, for such a decomposition to occur, the energy must be 
concentrated (vibration must be excited) at the C—C bond. But 
when two molecules are colliding, probably the vibrations along 
the peripheral C—H bonds are first excited. A certain time inter- 
val ts required for the requisite amount of energy to be transfer- 
red from these bonds to the C-——-C bond. During this time lag the 
energized molecule may be deactivated by a collision with a nor- 
mal molecule. In calculating the kinetics the activated molecule A* 
is considered to be an unstable intermediate, to which we may 
apply the stationary-state (or steady-state) principle: 


d[A*] 


qm [A]? — kp [A*] — k3 [A*] [A] =0 (7.21) 
Hence, the concentration of activated molecules is given by 
ro R [A]? 
[A |= Ro -+- Re [A] 


The observed rate of decomposition of substance A is apparently 
equal to the rate of the second reaction, i.e., 


d [A] ‘ 
— ye TA" 


Substituting the concentration of A* from the preceding formula 
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into this expression, we get an expression for the reaction rate 


4@TA] _ Rika fAlh _ ff kiko [A] | 
dt og + eg [A] =| ko + ks [A] ral (7.22) 


which is the result of the Lindemann hypothesis. On the whole, 
according to Eq. (7.22), the order of the reaction of decomposi- 
tion of substance A is intermediate between the first and the se- 
cond. The extreme cases should however be considered, namely: 

[. The concentration (pressure) of A is high. In this case the 
rate of deactivation k3[A*] [A] may appear to be much faster than 
the rate of decomposition Ro[A*], or k3[A] >> ko, and the first term 
in the denominator of Eq. (7.22) may then be neglected as com- 
pared with the second. As a result, we get the equation for the first- 
order reaction: 


d[A] hike 

dt ———k3 
Under these conditions there is evidently maintained the statisti- 
cally equilibrium concentration of activated molecules, and the 
reaction takes place in accordance with the law of spontaneous 
decomposition (see page 179). 

I]. The concentration (pressure) of A is low. Then the rate of 
reaction (2) k,[A*] may appear to be much greater than the rate 
of deactivation k3 [A*] [A], or 
ko >> k3 [A] 


Neglecting now the second term in the denominator of Eq. (7.22) 
we obtain a second-order equation: 


[A] = Ry [A] 


which results evidently in connection with the relatively long 
periods of time between the collisions, during which all the acti- 
vated molecules, in the limit, have a chance to react. The rate of 
the observed reaction is now equal to the rate of the activation 
process (1). Thus, according to the Lindemann hypothesis 
[Eq. (7.22)], the rate constant calculated by the first-order law has, 
in general, the following form 
Riko [Al 

== TAI (7 23) 
Consequently, the first-order “constant” and the time of conver- 
sion of a definite fraction of the substance must depend on the 
concentration or pressure of A. Figure 7.4 shows that at high pres- 
sures the half-life of diethyl ether remains constant and increases 
as the pressure is lowered below 200 mm Hg. The same de- 
pendence may be represented in a somewhat different form more 
convenient for our discussion. The quantity which is the inverse 
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of the constant, 
| sks 1st 


must be a linear function of the reciprocal concentration. The da- 
ta provided by Fig. 7.4 are represented by a straight line in 


be 


10200 30g 400 | 


Fig. 7.4. The h-lf-life of diethyl ether Fig. 7.5. The rate constant of a uni- 
against the initial pressure (Po) of molecular reaction in the coordi- 


the ether: nates 1/K, and 1/[Aj]: 
1—without hydrogen; 2—with hydrogen ad- 1—diethyl ether; 2—ordinary departure from 
ded. the straight-line dependence; 8—straight line 


corresponding to Eq. (7.23). 


Fig. 7.5. As can be seen, the points are spread in the vicinity of 
the coordinate origin, but still we can plot a straight line. In 
most of the reactions investigated in this way, say in the decom- 
position of azomethane™*, 


CH3NNCH; —_— > CoHs +- No 


no straight line is obtained. Figure 7.5 shows the approximate 
course of the experimental curve (curve 2). On the whole, we 
Should speak of a qualitative conntrmation of the theory: with 
increasing pressure the iirst-order rate constant tends to a con- 
stant value (ko). To pit it in a different way: for every reaction 
there exists a minimum initial pressure, below which the first- 
order rate constant decreases. Table 7.2 lists some data for a 
number of unimolecular reactions, including minimum initial pres- 
sures. It can be seen that the minimum initial pressure appears 
to be the lowest for the decomposition of nitrogen pentoxide 
(0.006 mm); its determination presented considerable difficulties. 
It should be emphasized that we are speaking here of the effect 
of the initial pressure on &; since within separate experiments, 
i.e, af given Po», the first-order rate constant remains constant, 


* We shall return to this reaction at a later time in connection with the 
Kassel theory. 
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TABLE 7.2. Selected Reactions Considered to be Unimolecular 


Constants in Arrhenius equation 


Minimum for Roo 
Reacting substance Initial pressure, Temperature, 
® (min)» K 
mm Hg Aexps seca! Ea, kcal/mole 
N,O; 0.06 4.5>10!8 24.5 273-338 
CHsNNCHs3 40 1.11048 50.0 551-603 
CH3NNC3H, 25 2.8 10!5 46.0 523-605 
C2HsOC2Hs 150 3.1><10!! 51.8 700-860 
C2HsCl 8 3.9 10!4 60.8 720-770 
CH3CHCl, 20 4.5x<10!! 48.3 685-722 
CH;CHCICHs3 4 2.5 10!3 50.5 673-683 
CH,CCl1,.CH3 10 7.910"! 43.9 603-690 
CoHsNHe 50 2.9109 42.5 773-813 
CHay 
| Pe 285 8.4><10!? 50.9 651-788 
CH, 


even if the pressure of the starting substance becomes less than 
the “minimum” pressure during the course of the experiment. 
Here arises the question as to the role of reaction products and 
added foreign inert gases. Thus, in the decomposition of diethyl 
ether the addition of hydrogen to the starting ether prevents the 
decrease of the constant, maintaining it at the level of ko. Fig- 
ure 7.4 demonstrates the effect of hydrogen (curve 2). These phe- 
nomena imay all be accounted for by the participation of the reac- 
tion products and of the added hydrogen in the activation process 


TABLE 7.3. The Half-Lives of Isopropyl Aldehyde in the 


Absence and Presence of Hydrogen 


Initial Initial - Half-life Initial 
pressure pressure of period pressure 
of aldehvde, hydrogen, Ty J9, sec of aldchyde, 
mim Hg mm eg 1/2» mm Hg 
27\ () 952 287 
130 0 645 40 
40 0 866 46 

45 


Initial 
pressure of 
hydrogen, 

mm Hg 


407 
211 
402 
610 


Half-life 
period 


VOY sec 


600 
622 
002 
089 


I of the Lindemann mechanism (Table 7.3). A similar compensat- 
ing property is also exhibited by other substances. As seen from 
Table 7.3, at a high pressure of the aldehyde, the hydrogen added 
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has no substantial effect on the course of the reaction, but at a 
low pressure it reduces the half-life period to the normal value 
equal approximately to 600 sec. Not only hydrogen can play the 
role of such a peculiar “catalyst” or, more exactly, an energy- 
transfer agent. 

The first order during the course of this experiment is main- 
tained even in the decomposition of methylisopropyl! ether: 


CH3—O—C3H, _> CH; +- CO -+- CoHs 


Here there is no hydrogen in the products and its role is played 
by ethane, as has been shown by special experiments. 

The study of the ability of any 
gas to maintain the rate of a 
unimolecular reaction is em- 
ployed as a method of determin- 
ing the rate of energy transier 
from some molecules to other 
molecules. At pressure P the 
rate constant of the decomposi- 
tion of substance A is equal to 
ka. Figure 7.6 gives the preli- 
minarily determined dependence 

¢ 76. Determination of the effec. 0! the relative values of the rate 
tiveness of various gases in main- Constants (R/Ro) for the decom- 
taining the rate of a unimolecular position of substance A on pres- 

reaction. sure. When a chemically inert 

gas B, whose pressure is P, is 

added, the rate constant of the decomposition of A increases frem 
ka to Ry. Then, as compared with A the relative eificiency of sub- 
stance B in transferring encrgy to substance A will be expressed by 
the relation (P, — P.a)/P. Having chosen the kinetic collision dia- 
meters, we can then estimate the relative efficiency of collisions 
(Table 7.4). On the basis of the data presented in Table 7.4 it may 
be concluded that the efficiency of the energy transfer is the higher, 
the more complex is the molecule, but the efficiency limit is soon 
reached after a while, beyond which it does not increase with in- 
creasing complexity of the molecule. Thcrefore, the assumption of 
the theory of unimolecular reactions regarding the exchange of 
energy during each collision between molecules of not too simple 
a structure is possibly correct. Since a vibrationally excited, i.e, 
activated, diatomic molecule exists, on an average, for about 10-'3 
sec in accordance with the vibration period, and the time between 
collisions at P = 1 atm is about 10-'® [Eq. (6.23)], the “unimolec- 
ular” decomposition of diatomic molecules can be observed only in 
the second-order region. In other words, it occurs immediately 
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after a bimolecular activating collision, i.e., it is by itself bi- 
molecular. 

Thus, from the standpoint of the theory under consideration, 
there is no fundamental difference between bimolecular and uni- 
molecular processes: they are two limiting consequences of the 
bimolecular act of activation. 

In spite of the fact that the Lindemann hypothesis is in accord 
with certain experimental data (though the agreement ts rather 
qualitative), it has proved, on the whole, unsatisiactory. Thus, it 
may be assumed that in unimolecular reactions the activation 
occurs bimolecularly on collision of two molecules with a relative 
kinetic energy along the line of the centres equal to or greater 
than E (see page 173). Then, evidently, the highest theoretically 
possible reaction rate (assuming the absence of deactivating col- 
lisions) must be equal to the number of activating collisions, i.e., 


_ op? ee —E/RT 2 
-(ir TD sarsest = 20 M ° ° (7.25) 


According to the basic law of kinetics, the rate is expressed by 


a first-order equation: 
dn 


By comparing Eqs. (7.25) and (7.26) we find an expression for 
the largest rate constant on such an assumption: 


le i/o 
(Ft), cect = 2D? {apn eWAIRT where (Z,) _ sees en n (sec!) 
arges s 


is the collision frequency for one molecule. The thus introduced 
quantity (Zo)iargest 1S however found to be by many orders of 
magnitude smaller than the experimental value. Indeed, let us 
consider the decomposition of acetone at 800 K: 


CH3;COCH;3 —> CO +- CoH, +- H) 


The kinetic diameter of the acetone molecule D~5X<10-® cm: lef 
its concentration be equal to | mole/22.4 litres. We get 


_ 3.14 & 8.3 & 107 & 800 )'/2 
(Zo)targest =2 (5 Xx 10 "? jee I x 


6.02 & 1078 
x 22,400 


== 8.1 >< 109 sec—! 
The experimental value of Z>~A may be taken from the Arrhe- 
nius empirical equation: 

(Ri)exp = 1.5 X 10'° K eT B/RT 


In other words, it turns out that the experimental value of Zo is 
1.5 xX 10'5/8.1 K 10° ~ 2X 10° times greater than the “largest’’ 
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theoretical value. Thus, even if we assume that each collision of suf- 
ficient energy is activating and all the activated molecules have 
a chance to react, the resulting value of Zo is by 5 orders of 
magnitude lower than the experimental value. The theory thus 
formulated is apparently not suitable and needs to be corrected. 

The path suggested by Hinshelwood for perfecting the collision 
theory of unimolecular reactions consists in the following. Unimo- 
lecular decomposition is experienced hy relatively complex mole- 
cules, the activation of which may involve not only two transla- 
tional degrees of freedom but also any number of other kinds of 
motion, primarily vibration, and in some cases rotation as well. 
If the molecule consists of m atoms, then the total number of 
vibrational degrees of freedom can be found from the following 


relation: 
Foe, = 371 — x 


where x = 5 for a linear molecule, 6 for a nonlinear molecule, and 
7 if there is one degree of freedom of internal rotation. As an 


—_— j 
—p 
—— 


Valence Jj~=x > 
. “ <_< 
vibrations pe 


I 
<> I 


Doubly 


Deformati 
ells alll degenerate 


vibration 
) 


Fig. 7.7. Vibrations in a stable linear triatomic molecule. 


example, let us consider a linear triatomic molecule, say, N2O 
(Fig. 7.7). It is subject to four modes of vibration—two valence 
and two deformation vibrations, and more exactly, one doubly- 
degenerate deformation, which can occur in two mutually perpen- 
dicular planes. 

Suppose that f vibrational degrees of freedom (evidently, f< 
< Fyip) participate in the activation process. Then, since the 
energy of each mode of vibration (harmonic) is expressed by two 
quadratic terms [Egq. (6.38)], all the energy involved in the acti- 
vation process will be expressed by s quadratic terms: 


s=2f +2 


Now the number of active (activating) collisions will be deter- 
mined not by formula (6.39) but by a more complicated relation, 
(6.40). We make use of a simplified variant of this relation, which 
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is applicable on condition that E > RT, i.e., Eq. (6.42): 


The point is that the ratio Ze/Z increases rapidly with increas- 
ing s. For example, at 300 K and E = 21,000 cal/mole we have 
the following values for the ratio Z£/Z: 


Z 
s _£ 

Z 
D) 6.3 107° 
4 3864 x 107° 
8 16,100,000 & 107°° 


In other words, when we pass over from two quadratic terms, in 
which case formula (6.39) is valid, to eight terms, the number of 
activating collisions increases almost by 3 x 10° times. 
The rate constant of a unimolecular reaction should be writ- 
ten, according to Hinshelwood, as follows: 
I 


—_ S=— 


(ar). 
k= Z, RT e—EIRT (7.27) 
S 


To the experimental exponential factor of the Arrhenius equation 
there will now correspond the quantity in square brackets. As has 
been shown by calculations, the theory can be brought into agree- 
ment with experiment by selecting the appropriate values of s 
(Table 7.5). 


TABLE 7.5. The Number of Quadratic Terms Satisfying the Observed Rate 
of the Decomposition Reaction 


Geeaknosed | sf ot | ot | Geccrmetpere | os fine | 
CoHsCl 12 10 o C,H;0CoHs 8 6 3 
CH;0CHs3 11 9 4-5 || CH3NNCHs3 25 23 | I1-12 


The number of vibrational degrees of freedom, /, required to 
ensure the observed rates, is less than 3m—6 and therefore it 
may be considered to be plausible. And that is all! The theory 
cannot predict the number / and explain why in the decomposition 
of diethyl! alcohol it suffices to assume f =3 and in the case of 
azomethane the number / amounts to 11-12. 
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7.3. Other Theories of Unimolecular Reactions 


The Kassel Theory. The theory developed by Kassel is con- 
cerned with a molecular model which is a set of weakly coupled 
harmonic oscillators. Therefore, they have no substantial effect ou 
one another, but nevertheless the energy can be transferred from 
one oscillator to another, i.e., can be spontaneously redistributed 
inside the molecule. The condition for the occurrence of reaction is 
the localization of a sufficient amount of energy in one of the 
oscillators. 

In this connection let us consider a group of s_ oscillators 
having the same frequency v. To apply the Boltzmann distribution 
Jaw in the form 

—e,/kT —&,/RT 
& je j Qe 
N,=N 5 en =N—s (7.28) 


i 


we determine the quantum contribution or the degeneracy of the 
system. For a system of oscillators with a specified number of 
quanta g; is expressed by a number of various methods, by means 
of which the j quanta can be distributed over s oscillators. To 
solve this problem, it is most convenient fo wrife a series con- 
sisting of jf crosses and s + I lines: 


bt HHlE++lttitlt++l+ttts 


Thus, the crosses will prove to be distributed among s groups. 
Further, while seeking to find the number of distributions, we 
shall transpose the crosses and lines, taking into account that the 
extreme lines are not subject to transposition since they delineate 
the boundaries of the system. Therefore the number of the lines 
to be transposed will be s—1, and the total number of the ele- 
ments being transposed will be j + s— 1. If all the elements were 
distinguishable, the number of transpositions would then be equal 
to (s-+j—1)! But, as a matter of fact, the j and s—1 elements 
are identical. Hence, the number of distinguishable configurations 
is equal to 


_(Gits—l1) 
87 (ss — 1! 729) 
The partition function may now be written thus: 
{ = oo 
_ (Gi-+s5—1)! ~inver S _pay/kT 
w= il(s—h! © =I+7e0' + 
i=0 
4 Sis FV) .-2nwkr oo. =(l—en wet) (7.30) 


1x2 
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and the distribution law (7.28) may be represented in the fol- 
lowing form: 


N =< +s—1)! | , 


Then we can find the srobabilit of the event that if s oscillators 
have fj quanta, at least m quanta will be concentrated in one of 
them. The oscillator with m quanta under consideration may be lik- 
ened, say, to the first group of crosses from the left. Let this 
group contain m crosses. Therefore, in calculating the number of 
transpositions these crosses are not taken into account. The quan- 
tum weight of all the states in which s oscillators have j quanta 
and one oscillator has at least m quanta, will be 


(j—m+s—])! 
(j—m)l(s — 1)! (7-92) 


The probability of such a distribution of quanta (and of energy) is 
found by dividing Eq. (7.32) by the total quantum weight (7.29). 
It equals 
(j—m+s—I])!I7 
(j—m!G+s—D! (7-33) 


Calculation of the reaction rate at high pressures. In this case 
we may assume the equilibrium concentrations of molecules ca- 
pable of reacting and write the rate constant in the form of the 
earlier used relation of the type (7.19): 


Dey ge oT ERT 
p= —- “St (7.34) 


in which the summation is carried out over the reactive states j 
with partial rate constants A; in the numerator and over all the 
numerator and over all the states in the denominator. 

Then, we make use, as before, of the simplest model of the mol- 
ecule with s weakly coupled harmonic oscillators, so that the 
energy can be spontaneously tratisferred from one oscillator to 
another. The oscillators are quantized and all have the same fre- 
quency v. The number of molecules in the state / is given by the 
familiar formula (7.31): 


_, Gts—T))! oa hvikTYS .—jhvikT 
Nj == N “a(s— (5 (1 — ) e 


The next step in the calculations is the determination of the par- 
tial values of the rate constant k;. It is most convenient to assume 
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that kj =O at j<cm and kj =A =const at jSm, the pro- 
duct mAy representing the energy required for the reaction (for 
example, the bond-breaking energy). Then the limiting value of 
the rate constant of a unimolecular reaction will be given by the 
following relation 
hoo A (1 eT INET Y Teayr e (7.38) 
j=m 


According to Kassel, this formtila cannot be simplified. The series 
presented by the formula can be calculated but the author himself 
rejects the formula, considering the form of the dependence of &; 
on the number of quanta on the crilical oscillator to be too simple. 
Further, Kassel assumes the migration of energy inside the mole- 
cule at a constant velocity and considers k; to be proportional to 
the fraction of molecules out of the total number of molecules hav- 
ing ; quanta, in which there are at least mm quanta per a certain 
chosen oscillator. Use is made of formula (7.33) and &; is taken 
to be proportional to the probability expressed by this formula: 


 ,g EG—m+s—1) 

p= a (j—m)'(j-+-s— 1)! 7-89) 
If j is large, then the expression for the probability can be simpli- 
fied, in which case the partial constant assumes the following 


form 
- 4g, V Sa I 
= A(—*) 


The total number of quanta / is proportional to the total vibratio- 
nal energy of the molecule, e, and m is proportional to the energy 


es, Which is the minimum energy required for the reaction. 
Therefore 


— s—I| 
kj = A(+—*) (7 37) 


Thus, the active molecules are not all equally reactive: k; depends 
on the excess of energy in the molecule over the minimum amount 
of energy, eo, needed for the reaction. To determine the overall 
rate constant &;, a summation or integration must be carried aut 
over all the possible values of energy from es to infinity. The 
graphical integration carried out has demonstrated that it is pos- 
sible to bring the theory into agreement with experiment on the 
assumption of a plausible number of oscillators. 

Another method of determining the overall rate constant is 
also used, in which k&; from Eq. (7.36) is substituted into the 


1-94 


194 Ch. 7. Simple Kinetic Theory of Activated Collisions 


expression for Ro (7.35). Now, instead of Eq. (7.35) we get 


hb = AC __ e—hv/kT)s ((@+s—I1)! YU —m+s—1)! eT IAVIRT 
00 2 iis—)'G—-mt+ts—D! 
=m 


—A(y — em hveTys YY i So jnwar 
La (S — 1)' (GF — mm)! 
j=im 


m= Ag MAVIRT (1 _ p—Av/kT)S \ (p +s — 1)! po PhvikT 
pi(s — 1)! 
p=0 
In the last relation the substitution p= j—=#m is made. But, as 
can easily be seen *, 


- s—1)! 
(1 — em hvikT)~S ar - ao —PhvikT 


Therefore, the expression for the limiting rate constant is con- 
siderably simplified: 
hk, = Ae MAVikt (7.38) 


Here my = & is called the critical energy. Such is in general 
the term used for the minimum energy which a molecule must 
possess in order to react. According to this theory, the energy of 
activation is equal to the critical energy only at high pressures. 

Calculation of the reaction rate at any pressure. Since the Boltz- 
mann law describes the energy distribution in an equilibrium mo- 
lecular system, its application to a reacting gas is strictly speak- 
ing illegitimate and does not lead to appreciable errors only at 
sufficiently high pressures. The balance of active molecules is 
determined, according to the Lindemann hypothesis, by the com- 
petition of three processes: the formation of activated molecules 
by collision, their deactivation and disappearance as the result 
of the reaction. 

In order to calculate the concentration of active molecules, it is 
assumed that on each collision the energy is redistributed, as 
a result of which there appear two inactive molecules. Thus, the 
rate of deactivation by collisions is approximately equal to the 
frequency of collisions between such molecules. If we provisional- 
ly assume the absence of a reaction, then, extending the prin- 
ciple of microscopic reversibility to gases, we have to admit that 
nearly all active molecules are created by means of binary colli- 
sions between normal molecules. Using the kinetic theory of gas- 


* Compare with relation (7.30). 
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es, we find the rate of formation of active molecules with / 


quanta: 
aNN; 


where a is the collision frequency at VN = N; = 1, i.e., Eq. (6.28), 
a = 2D?(nkT/m)'2, and N; is the equilibrium number of molecules 
possessing / quanta, which is determined by relation (7.31). The 
rate of deactivation of these molecules on collision is equal to 
aNZ;, where Z,; is the actual number of such molecules in | cm’. 
The rate of reaction of activated molecules equals &;Z;. In the 
stationary state 
aNN;=aNZ;,+ kjZj 
Hence 
Nj 
Zjp= 


kj 
14+— 


aN 


and the rate constant of the reaction 


k= » kj Z; (7.39) 


j=in 
If, as before, we first make the simplest assumption that 
k;=0O at j<m and kj =A at Jom 


then, substituting these values into Eq. (7.389) and comparing the 
result with Eq. (7.31) and (7.35), we shall find that 


WO 


N; Ro 
k=—___ ) —f=__ (7.40) 
d N A 
LT j=m 1+ aN 
Or 
Rao A 
= J+ = (7.41) 


Thus, with the assumptions made concerning k; the dependence 
of 1/k on 1/N (or on I/P) will be linear with a cocfficient being 
proportional to 1/T’*. This is in harmony with the requirement of 
the Lindemann-Hinshelwood theory, but does not agree in gene- 
ral with experimental data. 

But if we make another assumption and adopt the definition 
given by relation (7.36) for the partial constant k;, we can, in the 
long run, obtain the following relation for the ratio of the con- 
stant at a given pressure to the limiting constant: 

a0 (op +s— 1)! eo PAVIRT 
k —hv/kT)S pi(s — 1)! 
he Une w) pp Zt. fp) (p +s — I (7.42) 
p=0 aN pi(ptm+ts— I)! 


a* 
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This relationship can Le shown by simpie reasoning to give a 
decrease of the ratio kR/k» with rise of temperature. 

As an example of the application of the Kassel theory, let us 
consider, once again in mote detail, the decomposition of azome- 
thane studied by Ramsperger. The main reaction proceeds ap- 
parently according to the equation 


CH3NNCH, —» C.sHg + No 


This reaction is accon:ipanied by a weak side reaction since the 
products contain about 1.7 per cent of unsaturated hydrocarbons. 
The reaction was studied at 
pressures ranging from 25 to 
760 mm Hy and temperatures 
from 280 to 330 °C. Under these 
conditions the reaction is homo- 
geneous and is well described 
at high pressures by a first-or- 
der equation. At low pressures 
the reaction in experiments 
taken separately also obeys the 
first-order law, but the con- 
stants decrease as the _ initial 
log p pressure is lowered. The fact 
that each separate experiment 
Fig. 7.8. The rate constant of the de- yields satisfactory first-order 
eo eestor tial prewstee versus its constants is an indication of the 
. | | efficiency of activating  colli- 
ihre points are the experimental data: the . 
: Olid iines are the theo-etical curves accord- sions between azomethane anid 
ing fo Kassel (7 — 1 eC and 2—330 °C). the reaction products, which 
thus maintain the reaction rate 
at the initial level. According to Ramsperger, the principal role 
is played here by ethane and the nitrogen is less effective. The re- 
culls of these investigations are presented in Table 7.6 and in 
rig. 7.8. According to these data, the average limiting rate con- 
stunts are equal to 13.8% 10-> sec7! at 290°C and to 309% 
xX 10-° sec! at 330°C. Hence, we can chtain the Arrhenins 
equation with the following valttes of the constants: 


k= 3.13 X 10!8e— 2 HURT cage! 


As has been found, the dependence of k on pressure can be satlis- 
factorily described by means of the Kassel theory if we adopt, 
for this particular case, a molecular model containing 18 vibratio- 
nal degrees of freedom with such a frequency that 25 Nahv = 
== 52,440 cal/mole. The gas-kinetic diameter should be put equal 
to 3.98 & 10-° cm. The calculated values of Rk/k. at several pres- 
sures arid two temperatures arc given in Table 7.7. Figure 7.8 pre- 
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TABLE 7.6. The Rate Constants ior Deconivosition of Azomethane 
at Temperatures 290 and 330°C and Various Initial Pressures 
(alter Ramsperger) 


—eee 


‘eng. eI", sec~ ha He el. seo min lig’ | 10% seem" 
t = 290°C 
707.9 13.5 44.07 11.8 2.5987 5.8 
475.0 13.7 23.51 9.7 1.989 D3 
320.0 13.7 12.03 9.0 0.879 4.5 
[91.0 13.2 0.818 6.9 1309 3.2 
{ = 330°C 
4860.8 296 33.28 176 1.510 69 
392.6 282 16.21 145 1.267 60 
269.6 276 14.39 13] 0.873 48 
235.3 282 7,507 110 0.505 40 
200.0 269 4.531 84 0.380 36 
143.6 265 2.870 75 0,259 3] 
06.46 213 2.648 79 — _- 


sents the results of theoretical calculations in the form of solid 
curves; as can be seen, these results in general describe reaso- 
nably well the course of the experimental dependence of k/R» on 
pressure. Note also that the values of k/kw are higher at a low 
temperature—this is one of the important consequences of the 
theory. The distances between the theoretical curves are however 
smaller than those between the experimental curves. A better 
agreement of curve 2 (Fig. 7.8) (330°C) could be obtained by 
using somewhat different values of the constants, say, of the 
diameter D. This would however look Jike adjusting theory to 
experiment lor the given concrete conditions. 

Calculations similar to those given here have been performed 
by Kassel for a number of other azo compounds, and also for 
aliphatic ethers.* On the whole, there have been obtained re- 
sults which describe satisfactorily the experimental data. In the 
following series of azo compounds: azomethane, azoisopropane, 
and methylisopropyl diimide, there is observed a distinct regular- 
ity: the numbers of vibrational degrees of freedom in these com- 


* Kassel, L. S., The Kinetics of Homogeneous Gas Reactions, Chemical Ca- 
talog Company, New York, 1932. 
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SABLE 7.7. The Calculated Values of k/k,, for the Decomposition «© 
Azomethane at s=18, m=25, D=3.98 < 10—° cm 


Pressure, mm Hg R/R os Pressure, mui Hyg RIR oO 
t = 330 °C f= PH SC 

5870 0.983 530 0.938 
587 0.909 53 0.773 
58.7 0.707 5.3 0.490 
5.87 0.414 0.53 0.223 

0.587 0.173 0.053 0.0708 

0.0587 0.0512 


pounds are equal to 24, 42, and 60, and the numbers of classical 
quadratic terms required to bring theory into harmony. with 
experiment are, respectively, 25, 33 and > 40, being nearly equal 
to half of the total number of possible terms. 

For ethers, no such regularity has been observed, and _ the 
number of quadratic terms, required for the description of their 
decomposition reactions, does not increase with increasing num- 
ber of atoms in the molecule. Such a decomposition in the behav- 
iour of ethers and azo compounds is difficult to understand without 
making additional, more or less groundless, assumptions. 

And still the Kassel theory and the similar Rice-Ramsperger 
theory * were nevertheless at thcir time a considerable step for- 
ward as compared with the simple Lindemann-Hinshelwood theo- 
ry. This latter theory, as must be clear from the previous discus- 
sion, assumes identical partial rate constants for all types of 
activated molecules provided that their energy is greater than 
the critical energy and, on the whole, fails to describe satisfacto- 
rily the experimentally observed regularities. 

The Slater Theory. The theory developed by Slater is one of the 
most developed theories of unimolecular reactions. We shall give 
only a general survey of the Slater theory (for a detailed treat- 
ment of this theory, the reader is referred to the articles and 
the monograph written by Slater **). The Slater theory pictures 


* The combined Rice, Ramsperger and Kassel treatment is known as the 
RRK theory. — fr. 

** Slater, N. B., Phil. Trans. Roy. Soc. London, 246A, 57 (1953); Proc. Roy. 
Soc. London, 218A, 224 (1953); Proc. Leeds Phil. Soc., 6, 268 (1955). Slater, N. B., 
Theory of Unimolecular Reactions, Cornell Univ. Press, Ithaca, New York, 
1959. 
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a polyatomic molecule as an assembly of harmonic oscillators. 
The motion of atoms in a molecule is described by the variation 
of a series of internal coordinates 9), go, g3 ... . When the cor- 
responding coordinate attains a critical value go, there takes place 
a chernical conversion. Coordinates can be chosen by any most 
convenient method. Thus, for the breakdown of a molecule into 
two radicals the distance along the bond being broken between 
two atoms must attain the critical value. For a cis-trans isomeri- 
zation the coordinate that reaches the critical value will be the 
distance between the nuclei of two non-bonded atoms. If use its 
made of angular coordinates, the reaction must occur when the 
appropriate angle reaches the critical value. 

Since all the oscillators are harmonic, their potential energies 
are expressed by quadratic functions of the coordinates g;. The 
interna! motion can be resolved into a series of vibrational mo- 
tions 1, 2, 3, ... with frequencies vw, vo, v3, ..., energies &, &2, 
€3,..., and phases 1, to, 3, ... . The vibration frequencies are 
assumed to be independent. As a consequence, in a molecule that 
does not interact with other molecules, the energies and phases 
of these motions are independent and constant. They are changed 
only by collisions. 

At this point the theory under consideration differs from the 
majority of other theories, say, the Kassel theory, which assumes 
the presence of a linkage between the oscillators and the transfer 
of energy from one oscillator to another. Alter a collision the 
change of a certain coordinate g is a function only of time and 
may be specified in the form 


r 
7,= d a,cos2u(vi+t hp); aj =a, a/e.; a0 (7.43) 
S= 


The proportionality factors a; are characteristic constants fer each 
coordinate g. They can in principle be obtained from the force 
and inertial constants of the molecules. The number is in most 
cases the total number of modes of vibration of the molecule and 
has the highest value 3721—6 for a non-linear molecule and 
3m — 5 for a linear molecule. The number n may however be less 
than the highest value, if, for example, some of the changes of g 
are insignificant (the corresponding @’s are small) and their con- 
tribution may be ignored. A molecule cannot react unless the fol- 
lowing condition is satisfied: 


Dd lasl= >i las| Ves = a (7.44) 


The point is that, as can be shown, unless this condition is sa- 
tisfied, g cannot attain the critical value go. The value of e; that 
Satisfies this requirement and corresponds at the same time to the 
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minimum total energy are found to be equal to 


— 2 
Es a G0 ,o 


—4 
where a’ = >) a2. Hence, the lowest or critical energy of the mole- 
cule, eo, required for the reaction to occur is given by the relation 


in which Na is the Avogadro number. Any molecule containing 
the suitably distributed energy eo and left to itself will react. 

Having established the requisite minimum conditions for the 
occurrence of a reaction, we are now in a position to calculate its 
rate. To do this, we must first find the jraction of molecules in 
{he system, that satisfy the necessary energy requirements. Se- 
cond, we must establish the velocity with which the molecules pos- 
sessing various energies will react. The overall reaction rate will 
then be expressed by the sum of the products of the type Cers, 
where C, is the concentration of molecules with an energy con- 
tent within the given interval, and r, is the average rate of their 
conversion. 

The number of molecules (or their fraction) possessing ener- 
ey in the given interval can be found, assuming that the state 
of the system does not differ significantly from the equilibrium 
state. Then the number of molecules out of the total number C, 
whose energies lic within the limits (e,, eytde) ... (€n, €n+den) 
will be given by the following relation 


a € /RT 


C} (e) de; ... d&n;3 | ()= Ea 


(7.45) 
The fraction of molecules reacting per second, out of the total 
number of molecules containing energy in the form of the compo- 
nents €), &, &, ..., &2 Will be equal to L which is the average 
rate of attainment of the critical value of g (go). This proposition 
is important in the theory since it is exactly this proposition that 
introduces the time factor into the treatment. 
Now we can write the overall rate constant for a untmoleculur 
reaction 
1 dC 


k= — Oar 


= | . \ Lj (e) dey ... dep (7.46) 


In this expression the integral is taken over the energy values 
for which es is greater than zero, which satisfy Eq. (7.44). Into 
the expression for the rate constant (7.46) there must be inserted 
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the value of L from the formula 
+ 00 n n 

L =7 | | ae ‘TT Jy (at) — | | Jo (ag al 2? + 4379705 dxdy (7.47) 
— 00 ] ] 


where Jo is the zero-order Bessel function. The integration over eés 
can be performed between 0 and infinity since L disappears if the 
condition (7.44) is not observed. Thus, we get 


-- 00 rt r 
l 
k= \ \ oe 1] I, (x, 0) — I] Ie (x, 9) dx dy (7.48) 
1 | 


=— OO 


where 


I. (x, n=\ Jy| a, a/e, Cy" 6 (y? + 4x2x?v?) | Eg [kT as _ 


0 
= exp[— (1/4) R70; (y? + 42°x7v2) ] (7.49) 
If we make use of the definition of a, then 
+ 0co +00 F 
k= ie \ COS (4,X) Exp (— ('/4) kT 0.7y) dy \ [1 — exp (— kTx°a"v3) | > = 
= vexp (— q2/a kT) (7.50) 
where 


y ay? \ ? 
SS 


may be called the weighted mean vibration frequency for the mol- 
ecule. It characterizes the vibrational state of the molecule as a 
whole. Since go/a? = &, relation (7.50) may be represented in 


the form | 
k= veTF RT yeW BIRT (7.52) 


which can easily be compared with the simple Arrhenius equation. 
Evidently, v coincides with the pre-exponential factor A which 
has the dimensions of frequency, and Eo, i.c., the minimum energy 
required for the molecule to react, with the experimental activa- 
tion energy. 

The frequency of the reaction acts has been derived here as the 
time-averaged frequency. Figure 7.9 is an approximate represen- 
tation of the change of the critical coordinate with time before 
and after an activating collision, which is described by Eq. (7.43). 
By definition, the reaction takes place when the curve g = [(f) 
intersects the g = go line upwards. Before a collision takes place 
the molecule has no sufficient energy distributed among the nu- 
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merous modes of vibration in such a manner that g reaches and 
exceeds go, in which case no reaction occurs. After the collision 
the curve intersects the line several times. The frequency of the 
reaction, L, is determined, for an individual molecule, by the 
number of such intersections in the positive direction per unit 
time. It must be clear that L is the Irequency of the reaction for 
a given molecule with a given energy distribution; it should not 
be confused with v or A, which refer to a large assembly of 
molecules subject to a statistical treatment. 

There are other derivations of the weighted mean frequency vy, 
which give the same result and, possibly, are more directly asso- 
ciated with the problem under consideration and are therefore 
more spectacular. Thus, for 
example, it has been shown 
that v is equal to the ratio of 
the product of all the fre- 
quencies vs In a normal mol- 
ccule to the product of the 
frequencies vs; when gq is spe- 

Time cifled by any arbitrary value. 
Fig. 7.9. The variation oi the critical Thus, 
coordinate g in a molecule capable of uni- 


Activating colliston 


molecular conversion before and after an y= Vive eee vn (7.53) 
activating collision. ViVo ee Vy 


For the most important case—a reaction involving the rupture 
of the bond between atoms in a large molecule—the frequeney 
factor v coincides in value with the vibration frequency of an ima- 
ginary diatomic molecule consisting of atoms the bond between 
which has the same force constant as the bond between atoms in 
a polyatomic molecule. 

The above-considered variant of the theory assumes a simpli- 
fied molecular model—a set of harmonic oscillators. This simpiti- 
fying assumption is not of course rigorous since the vibrations in 
a general case are not small and, hence, are not harmonic. If this 
were so in actuality, the molecule would not be able to react. 

The expression for v corresponding to the experimental factor 
A in the Arrhenius equation is written in the form (7.91) 


__ Ce 
v= (>: GV s/ CL ) 
| 


and is, as was mentioned above, the weighted mean quadratic n 
of vibration frequencies in the reacting molecule. Therefore v 
must lie within the limits of ordinary vibration frequencies in the 
molecule, i.e., 10'% to 10'4 sec—!. The “normal” experimental value 
of the factor A is also within the same limits. The theory cannot 
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however account for the small frequency factors. Large A values 
can be explained if we assume a special distribution of vibration 
phases immediately after collisions. 

The Slater theory gives an expression for the rate of reaction 
of molecules possessing an energy within the given limits, this 
expression resembling the one suggested by Kassel. The number 
of molecules with an intramolecular energy 2), «, ranging from e 
to e-+ de, is equal at equilibrium, according to Eq. (7.45), to 


Ci, de (=C,) 
where 


de = ( tle Elke de 
e ——} 


. \ [(e) der... dea =a EH 
ex Le <e+de 


If Ckede equals the number of molecules having the indicated 
characteristic, which react per second, the overall rate constant 
will be written, according to Eq. (7.46), in the following form 


k—\ kde = \ Le | Li (e) de, ... de, 


where & is the contribution of molecules, the energy of which 
lies between ¢ ande+ de. 
Since the energy e is expressed by the sum >. €;, we have 


co 0o 


| ke “Fde = (e7)~" | ee {Lew {—(z4+7h) Yes de ... den = 
0 0 0 


=v 4-247)" exof —06(2 +7) } 


where the integration is carried out by the method used above. 
Having written @(Z) for the last expression, we obtain the fol- 
lowing through the use of the Laplace transform: 


C+1 00 


/ | 
ke oni 
C—{ oo 


p(Z)eZ2dZ (C>0) 


the solution of which leads to the following value of the constant 
for the given energy interval: 


; ye T&kT (e __ €,)"—! 
ke = lr (n) (RT)" (e > eo) 4) 


k, =0 (© < &)) 
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Now we can write the rate constant for molecules whose energy 
lies between the limits ¢ ande+de; 


/ 


Re G— by ion —— 
k= = Vv (<—*") (& > €&o) (7.55) 
le c 
This expression is formally identical with the expression derived 
by Kassel in his ciassical theory—Eq. (7.37). In the Kassel theo- 
ry, the factor [(¢ — &)/e]*-' expresses the probability that of 
the total energy « distributed among s equivalent classical oseilla- 
tors, the amount e will be concentrated on one “critical” osctila- 
tor. 

The Slater theory furnishes a method for calculating the pre- 
exponential factor of the Arrhenius equation for a unimolecilar 
reaction on the basis of the properties of a normal unexcited mol- 
ecule. The advantage of this theory over other theories consists 
in that, with account taken of the vibrational characteristics of 
the molecule, it can predict, without additional arbitrary assump- 
tions, that molecules having a higher energy content must reavt 
more rapidly than those possessing the energy minimum required 
for the reaction to take place. True, the last-named proposition 
concerning the dependence of the rate of conversion oj molecul?s 
on energy content above the minimum energy has not yet been ve- 
rified by direct experiments, but it is thought to be rational and 
has been repeatedly confirmed indirectly. The Kassel theory too 
adopts this dependence but it does not provide a method of cal- 
culating the constant v, which in this case determines the frequency 
of exchange of energy between the oscillators. In view of this, 
for a numerical agreement between theory and experiment to be 
obtained, the quantity v is equated to the experimental factor A. 

In the Slater theory, just as in a number oi other theories, tie 
rate of activation is found by caiculating the equilibrium concent- 
ration and the rate of deactivation on the assumption of the eth- 
ciency of each collision. The “population” of any energy region 
(es, es t+ des) (s=1, 2, 3, ..., n), when the set of individual 
values of e, satisfy condition (7.44), will be expressed at equilib- 
rium as follows: 


fh 


—e/kT —dés e=) 8 
Ce aT 
l 


In writing this and the subsequent relations, use is naturally made 
of the symbols that have already been employed. The collision 
frequency for molecules and, hence, the rate of deactivation, is 
written in an ordinary form: 


o=ZC, Z= 2p? (= )" 
m 
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eee. — —_— —.— — -- - —— —— — .- 


Accordingly, the nuniber ol molecules which acquire energy va- 
lues wilhin the indicated limits per unit time will be given by 


oce—**! [] (des/kT) 


However, the number of activated molecules with an energy in 
any interval oi its values will be, because of their disappearance 
in the course of the reaction, somewhat lower than that in accor- 
dance with the Boltzmann distribution law, say, Cg (ge, €, .. 
., €n) de,, deo, ..., den, the quantity g being subject to de- 
termination. 
The number of molecules reacting per unit time will be now 
given by 
CaoLlde,... den (7.56) 


and the number of molecules being deactivated will be 
oC gde,... d&n (7.57) 
In the stationary state, the number of molecules being activated 


by collisions is equal to the number of deactivated and reacting 
molecules. Hence, we have the following relation 


(L+o) g=oe**! (RT)7" (7.58) 
which makes it possible to determine g. Integration of Eq. (7.56) 


over the energies of the internal degrees of freedom gives the rate 
constant for a unimolecular reaction 


| dc 
k=— a op | cae \ gl dey...den 


Replacing g by its value from Eq. (7.58), we get the expression 


cf JSST TLC cy 


in which the integration is extended over the region of energy va- 
lues corresponding to the activated state. 

In view of the mathernatical difficulties, the exact mathematical 
expression for L cannot be used for further development of the 
theory. In place of the exact expression, according to Slater, use 
is made of a simple approximate expression 


L=-—— ( Dlari= ws _ (Rte )' (7.60) 


[(1/2) n — 1/2]! 20 | ayo... Gy | 


Then, if only b = e0/AT is great and the values of w determinable 


by the relation 
eae (Lea) 
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and the frequencies v are not scattered widely, we can find the 
n-fold integral of relation (7.59). The following expression for 
the rate constant is obtained: 


k = ve~°1, (0) (7.61) 
where 


fore) 5 na) _ 
i: | x e ~*~ dx 


—— = /, (0) = ———_____ | ——___—_—"~ (7.62) 
I> n— 1/2 _ (12—1) 
2 0 yay? g-! 


Roo 


In its turn, in formula (7.62) the following notations are adopted: 


x = (@ — €)/kT (7.63) 
| 
— (n—1) 
0 = (w/v) b° fn (7.64) 
sn) 
hn = (40) (= h— 1/2)| [yflo... Un (7.65) 


At high pressures wm and 0 tend to infinity and /,(6) tends to uni- 
ty, so that the rate constant approaches the limiting value with 
increasing pressure, as should be expected. 

At low pressures o and 0 tend to zero, and the expression for 
the constant k assumes the form 


L (1—1) 


kR~ ve~0/ (= n— 1/2)! == Wl po... Un (400) ; e? 


which results from the use of only the first term of the more exact 
formula 


gin —1\ 1 
k= Ol jMe ... bn (406) ° er 1 ("5 \s>t 


+1xX3("7 0 Jaye }=oa (7.66) 


which was derived by Slater. 

These formulas, just as the Slater theory as a whole, are based 
on the concept of a molecule as a set of simple harmonic oscilla- 
tors and also on the condition (7.44) of the activated state of the 
molecule. As has been found, a molecule with an energy greater 
than e but distributed in contrary to condition (7.44) has a cer- 
tain chance to react if left to itself for a long time. Of course, the 
reaction can occur if the transfer of energy from one mode of 
vibration to another is not absolutely forbidden, as required by 
the strictly “harmonic’’ model. The vibrations in a molecule are 
not, as a matter of fact, strictly harmonic, so that a certain migra- 
tion of energy will take place. No method of calculating the pos- 
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sible velocity of this type of migration has been devised yet. But 
it is still possible to estimate approximately the effect of, so to 
say, the completely free migration on the velocity predicted for 
a low pressure. It should however be noted that the velocity cal- 
culated in this way coincides with that obtained from the Kasse] 
theory. According to this theory, as is already known, all molecu- 
les having an energy in excess of eo and left to themselves for 
a sufficiently prolonged period of time will enter into reaction. As 
an example of the assessment of the above-mentioned effect for 
a molecule in which all the u’s are the same, and 6 = e/kT = 40, 
Slater gives the following values of k/w = Ae?®: 


n=I!1 3 D 7 9 13 
(a) if condition (7.44) 
is observed 1 1936 1082-1985 
(b) if condition eS eg 
is sufficient i to7" 105 195-8 


As has already been mentioned, the rate of transfer of energy from 
one mode of vibration to another is unknown. But, apparently, at 
a certain pressure characteristic for a given molecule, such a 
transfer must occur and this will be reflected in the value oi the 
ratio k/ko in accordance with the transition from the limiting 
condition (a) to condition (b). 

There are, however, no sulficiently accurate data on the obser- 
vation of this effect over a wide pressure range. Detection of the 
effect would be of great importance for the confirmation ol the 
Slater theory. 

For intermediate pressures, between the revions of realization 
of pure I and pure II orders there can be carried out a numerical 
integration of /,(0) [relation (7.62)]. Strictly speaking, for each 
of the molecules under study there must be made separate calci- 
lations on substitution of the corresponding values of ws, m, D, 1, 
etc. But, as has been found for three rather typical molecules, for 
which the critical coordinate go is the distance between carbon 
and hydrogen atoms, the serieS ww, fla, ..., Un iS a geometrical 
progression, uw; being equal to Sun. An approximate calculation 
has been performed for such typical molecules having a molecu- 
lar weight of 50, the collision diameter 5 A, the frequency v == 
= 10!%” sec—'!, 6 = 40 and at a temperature of 700 K. The results 
of these calculations for various values of m are presented in 
Fig. 7.10 as plot of the rate constant versus the logarithm of 
pressure. As can be seen from Tig. 7.10, the change of # affects, 
in the first place, the position of the curve relative to the abscissa. 
The lower the value of n the higher the pressures at which the 
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limiting value of the constant is reached. The shape of the curve 
varies relatively little, which can be tested only if the accuracy 
of experimental data is very high. 

If n=1, the integral (7.62) is determined accurately. Namely, 
we find th:' 

1, (0)=/0—97'), @=o/v 

and 
i 
1+ — 


0) 


k _ 
Ro 


This expression coincides exactly with the expression derived for 
all molecules in the Linde- 


bog Inann theory: 
0.0 
he l 
* 0 —___* 
“1.0 +r Rk. [A] 


~1.5 
-2.0 


so that the curves for n= 1 
and for the Lindemann theo- 
ry coincide. Since, probably, 
lor a very limited number 
of molecules <5, we can 
ie g easily distinguish the Lin- 
Fie 7.10 The rate constant of a unimo- demainn-Hinshelwood CUTVE 
lecular reaction versus the initial pres- rom the curves obtained in 
sure for molecules of various degrees of — other, more developed theo- 
complexity, according to the Slater the- fies The shapes of experi- 
ory, at m ranging from 3 to V3 | ok 
The dotted line shows thie slope tor a bimolecu- micital cur “S aTe usually 
lar process | delermuned with an accuracy 
sufficient for the establish- 
ment of such a difference. As 
has already been said, the Lindermann-Ilinshelwood theory cannot 
provide a quantitative explanation for the dependences observed 
in experiments. This failure should probably be ascribed to the 
neglect of the relationship between the reactivity ol molecules and 
the excess energy. Thus, it turns out that the Lindemann-Hinshel- 
wood theory predicts the same shape (but not the same position) 
for the log k/kx vs. f (log p) curves for all molecules, no matter 
how complex they are. 

The discrepancy between the predictions of the Lindemann-Hin- 
Shelwood theory (the HL theory) and experiment and also the 
Slater theory can be shown once again with the aid of the graph 
of Ijk vs. I/p. The Lindemann-flinshelwood theory predicts a 
Straight line. The Slater theory is seen to be able to describe an 
experimental curve (Fig. 7.11). 


-2.5 
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Other theories of unimolecular reactions that deserve mention, 
namely the Rice-Ramsperger-Kassel theories (known as the RRK 
fheories), proceed from the basic assumption that the lifetime of 
a molecule is reduced as its energy increases. Both in the classical 
and quantum versions of the Kassel theory it is assumed that 
a molecule attains a critical state when the requisite amount of 
energy is concentrated on the corresponding separate oscillator. 

According to Rice and Ramsperger, such a concentration of 
energy takes place in a single quadratic term. The differences in 
both theories stem precisely from these 


nuances of the main assumptions. In the tse 
classical Kassel theory, the frequency of {2° 
possible conversions of a molecule possess- 3a 


ing an energy E& is given by relation 26 
(7.37), where s is the number of “active” 
oscillators in the molecule; this expression 20 
is formally identical with that derived in 
the Slater theory, (7.55). From relation fo 
(7.37) there is obtained the following 


. ; 10 
expression for the ratio R/R.: 
00 5 
s—-1,-%x 
R oo ro x a 1 23 4 5 *& 
o \b+x {/p,min-! 


But, even leaving out the question of the Fig. 7.11. The variation 
validity of this or that molecular model, of the rate constant of 
it should be noted that these theories are nS Sonera of cy- 
considerably less satisfactory than Sla-  “°PfOP@ie Wil Pressure: 
ter’s theory. First, in the RRK theories Jae ee ated 
the number of active oscillators is not see sponding to the Linde 
determined theoretically; it is chosen so as ann theory. 

to obtain agreement between predictions 

and experimental evidence. Second, these theories employ prefer- 
entially the pre-exponential factor A found by experiment than 
the frequency calculated on the basis of a molecular model, where- 
as the Slater theory makes use of only one experimental quan- 
titv determined from kinetic data—the energy of activation. 
Owing to the similarity between Eqs. (7.63) and (7.68) the 
fog k/Ro = f(logp) curve in the Kassel theory has the same 
shape as in the Slater theory if 


n=2s— 1 
but, though A and v may be equal, the curves do not coincide in 


a general case. 
In connection with the Slater theory it should be emphasized 
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that v and p are conjugate quantities and Eo and T are approxi- 
mately conjugate quantities, not only because T’” is contained in 
the expression for the rate of deactivation w and, hence, in 80. 

Slater derived an approximate expression which describes the 
displacement of the log k/ko curve with temperature. According 
to Eq. (7.64), for a given gas the ratio R/kow is proportional to the 


> 


quantity pb i.€., pT", Hence, the ratio R/ko as- 


sumes the same value for the pairs p and 7, for which pT” is 
constant. As a result, the curve corresponding to a lower tempera- 
ture 7, will be shifted relative to the curve corresponding to 12 
by the amount 


A logp=>n log +2 (7.69) 


This conclusion is in accord with the intuitive expectation that 
at higher temperatures the same fall-off of the rate will occur at 
higher pressures. For this relationship to be tested, however, there 
are no sufficiently accurate experimental evidence yet. 

Let us now ttrn, for a while, to a bimolecular reaction which is 
assumed here to be the reverse of a unimolecular reaction: 


ky 
A << B+ C 


The rate constants for such reactions are interrelated by the equi- 
librium constant, K = k,/ko, which is independent of temper:i- 
ture. Therefore, Rp decreases at low pressures, just like &,, and 


k, _ Ro 
Ry (oo) Re (00) 


Hence, in principle, the decline of the rate constant of a unimo- 
lecular reaction with pressure can be established by investigating 
(if it is more convenient) the bimolecular reaction experimentally. 
The converse is also true: the rate constant of a bimolecular reac- 
tion depends on pressure (at sufficiently low p valties) since the 
primary act of association involves the formation of a molecule 
with an energy sufficient for dissociation to occur. It must be sta- 
bilized by a collision, which removes part of the energy. In some 
cases it is Simpler to study a unimolecular reaction, and in other 
cases, a bimolecular reaction, but the exact theoretical treatment 
of unimolecular reactions is always simpler since no satisfactory 
method of calculating the frequency of ternary collisions has been 
developed up to the present time. On the other hand, it is usually 
possible to measure or calculate the corresponding equilibrium 
constant and therefore the problem of association may, so to Say, 
be “reversed”. 


7.38. Other Theories of Unimolecular Reactions O11 


The energy of activation is determined by the Arrhenius equa- 
tion 
Olnk 


_- PT? 
E = RT aT 


and therefore the energy of activation FE, for unimolecular reac- 
tions of the Slater model of the molecule at very low pressures 
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(a) | 
Fig. 7.12. The distribution of molecules among the energy levels (a). 


The contribution of molecules of given energy to the overall reaction rate [c is the traction 
(concentration) of molecules having energy within the range e to €+1; - is the average rate 


constant of the reaction of such molecules; (6)—part of Fig. a, showing the decrease ol the 
overall rate (and of activation energy) with decreasing pressure. The pressure P 5 is the 


limiting value: P, > P, > P3. 


will be defined with the aid of Eq. (7.66) as follows: 


O ino » OInA 
OT TART OT 


Ep = RT? (7.70) 
Experiments are offen carried out at constant pressure when 
is proportional to 7~- since the first term in Eq. (7.70) gives 


—> RT. To determine the second term, we write 6 = E)/RT. 


Then 
OInA OIn A 
2 —- __ —_— ee 
KI OT Eo Ob 


Hence, taking account of Eq. (7.66), we can express the second 
term of Eq. (7.70): 


Ey— 5 (n— WRT Ji—-(" > Jot A/iA("F' Jat 
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Further, neglecting all the terms in braces, except the first one in 
parenthesis, we get 
| 
Eo — Dy (1 — 1) RT 
and 


Ep = Ey — —n(RT: 


The cause of such a decrease in the energy of activation upon 
approach to the second-order region is clear from Fig. 7.12. On 
the left part (a) is schematically shown the distribution of energy 
among molecules and also their contribution to the overall rate 
of the reaction. The right part (6) shows 2 gradual decrease of 
the contribution of molecules having an increased energy with 
aecreasing pressure and, aS a consequence thereof — the decrease 
ot the observed energy of activation (the peak on the curve of the 
produzt Cer, is shifted to the left). Indeed, there is evidence tnei- 
crtine tne decrease of the activation energy of a unimolec: lar 
reaction with decreasing pressure. 


7.4. Termolecular Reactions 


The theory of termolecular reactions ix perhaps the least devel- 
oped, possibly because among ordinary gas reactions their num- 
ber is very limited. In particular, reactions involving nitric oxide, 
for example, 

2NO + Og — 2NO?2 


and other similar reactions are sometimes classified as termo- 
lecular reactions. 

That the reaction is third order overall, second order in nitric 
oxide and first order in oxygen (and also in chlorine and bro- 
mine) may, however, be accounted for, without reference to a tri- 
ple collision, by postulating the existence of the dimer (NO) or 
the complex NO 3. The simplest approach is to assume (just as Was 
done in Sec. 2.3) the equilibrium concentration of the dimer pro- 
portional to the square of the concentration of NO. On the whole, 
the third order obtains. The same scheme may be expected to 
account also for the temperature coefficient of the reaction (7.71), 
which is smaller than unity, provided that we assume the exoiher- 
micity of the dimer formation. However, difficulties arise imme- 
diately in this connection, which are associated with the question 
whether the dimer formation itself requires a ternary collision. 

Here we shall discuss the simple collision theory of termolecu- 
lar reactions, which is based on the number of ternary collisions. 
This number has been calculated above (see Chapter 6) and writ- 
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ten in the form: 
; s l l 
Z 193 = 8 V2 "D2 ,D2,6 (kT)! { ay top } Mayfly, (7.71) 
12 23 


The rate of the reaction, by analogy with bimolecular reactions, 
is written in the following form: 


W = PZyo,e~ 8!" = PL ogc! angry 
Here P is the steric or probability factor, and 
0 Dd al? 2 I 
29,5 = 8 V2 n'?D?,D2,5 (kT) 1 +o (7.72) 
Hin Bg 


will express the frequency factor equal to the number of collisions 
at unit concentrations. 

For the purposes of an approximate comparison of theory with 
experiment we shall simplify Eq. (7.73), setting the molecular 


masses equal to one another, i.e., m, = my = m3 =n, and also 
their linear dimensions, i.e., Dig = Do3 = D. We get 
0 as (RT \'2 
z9 = 178D's (<7) (7.73) 


where R is the gas constant and M is the molecular weight. 
If we assume, for example, that D=3 XX 10-% cm, 6 = 10-8 cm, 
M = 30 and 7 = 300 K, then at R = 8.3 X 10’ erg-deg—!. mole7!: 


23 = 4.15 & 107°? cm® molecules~?+ sec7! = 1,49 >< 10! litres? mole7?- sec! 


Hence, log Z3= 10.17 and, if reference is made to Table 7.8, it 
will turn out that the thus calculated frequency factor corresponds 
almost exactly to the most rapid termolecular reactions with 
the participation of atoms (reactions 5, 7, 8, 10, 11, and 12). This 
excellent agreement between calculations and experiment means 
that the steric factor is equal to unity and the energy of activa- 
tion to zero, which might be supposed to lead to the efficiency of 
every collision. In a number of cases, however, log A proves to 
be considerably lower than log Z3. In such cases, considering, as 
before, that E =0, one may formally introduce the steric factor P 
(the last column in Table 7.8). For the first three reactions, which 
belong to the category of ordinary chemical reactions, the steric 
factor is found to be very small (10-’ to 10-°) and this is difficult 
to explain within the framework of the theory under discussion 
if no recourse is made to a complicated mechanism. The point ts 
probably that these reactions are not termolecular reactions and 
proceed, at least, in two consecutive steps. 


CHAPTER 8 


The Activated-Complex Theory 
(Transition-State Theory) 


8.1. Potential-Energy Surfaces 


The basic idea of the transition-state theory (also known as the 
activated-complex theory)* consists in that in the course of anv 
chemical reaction the initial configuration of atoms turns into the 
final configuration as the result of the continuous change of the 
internuclear distances. To begin with, we shall consider the reac- 
tion between an atom X and a diatomic molecule YZ, i.e, thre 


following reaction 
X+ YZ —> XY4+2Z 


As can be shown, this reaction is accomplished most simply, 
i.e., with the least consumption of energy, if the atoms are ar- 
ranged along the line connecting their centres. Then the course of 
the reaction may be described by using only two interatomic dis- 
tances, r; and rg (Fig. 8.1); r; decreases and rg increases. In the 


Reactants Activated complex Products 
= 00) + @ 


Fig. 8.1. The reaction between an atom and a diatomic molecule occu:~ Ly 
way of a continuous variation of the internuclear distances. 


course of this continuous and simultancous variation of interni- 
clear distances (bond lengths) there is always formed a certain 
intermediate configuration X---Y---Z, in which the Y—Z bond has 
already been weakened but not completely broken, and the A—Y 
bond is in the process of being formed. In this configuration the 
aiom Y simultaneously belongs, so to say, to the atom X and the 
atom Z. Such a configuration is critical for the given reaction: the 
reaction products may appear only on the condition of the lorma- 
{ion of this configuration, which is called the transition state or 
the activated complex. 

As is shown by experiment and calculations, the alteration of 
internuclear distances entails the change of the potential energy 


* The transition-state theory is sometimes referred to as the theory of abso- 
lute reaction rates or, simply, as absolute rate theory. — Tr. 
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of the system because, ius example, upon approach of the atom X 
to the molecule YZ the atom has to overcome the forces of repul- 
sion of the electron shells. Properly speaking, the determination 
of the function U =f (nro) is the determination of the activation 
energy of the reaction. In principle, the potential energy of a tri- 
atomic system, as related to r; and ro, can be calculated theoreti- 
cally, using, for example, the so-called London equation: 


Upp HAF BtC—{ola—pr+B—wt—at ey) 


which allows the interaction in the triatomic system to be re- 
placed by the interaction of three diatomic molecules. Thus, A repre- 
sents the Coulomb interaction in molecule XY and @ the exchange 
interaction in the same molecule. So, A +a expresses the total 
bond energy in molecule XY. The symbols B and C and also 6 
and y denote the corresponding quantities in the molecules YZ 
and XZ. 

Incidentally, the complete theoretical calculation of the function 
U =f (rire) remains to be, up to the present time, a mere possibil- 
ity because of extremely formidable mathematical difficulties and 
the actual calculation can be carried out by means of the semi- 
empirical method proposed by Eyring. The total bond energy in 
a diatomic molecule, A + a, is taken from experimental data. Use 
is conveniently made here of the Morse empirical function *, 
which is known to express the dependence of the energy of a di- 
atomic molecule on the internuclear distance. For example, for the 
molecule XY: 


U iy, =A +a= Delt — e (Tre) 


In this formula, De = D+ '/.fv is the energy of dissociation plus 
the vibrational zero-point energy of the molecule, r, is the equilib- 
rium interatomic distance, and a is a constant characterizing the 
given molecule. These quantities are all found from spectroscopic 
data. If they are known for all the three molecules, XY, YZ, and 
XZ, then, using the Morse equations, one can determine the total 
energies A+ a, B+ B, and C+ y for all the interatomic distances 
in the system X---Y--Z. For calculations to be performed by 
means of the London equation, it is necessary to know the valtes 
of the Coulomb and exchange components separately. For these 
{o be determined, it is assumed, as suggested by Eyring, that the 
Coulomb interaction for all the distances is a certain constant 
fraction of the total bond energy (usually, 15-20 per cent). In 
this way it is possible to calculate U = /[(riro) for the triatomic 
system under consideration and to present the results of the cal- 


* See also Chapter 5 (Sec. 5.10) where the graph of this function is given. 
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culutions in the form of a potential-energy surface.* This three- 
dimensional surface is most conveniently represented on a two- 
dimensional diagram by the contour-line method adopted in oro- 
graphy. Namely, this surface is cut by equidistant horizontal 
planes and the cross-section contours are projected onto the plane. 
An example of the potential-energy contour map constructed in 
this manner is presented in Fig. 8.2, where the contour lines are 
drawn through every 10 
and 5 kcal/mole. Obviots- 
ly, the density of arrange- 
ment of the contour lines 
points to the steepness of 
the slope of the surface. 
In fact, two deep “val- 
leys” can be distinguished 
on the surface, these val- 
levs being separated by a 
relatively low “mountain 
pass”. The upper left-hand 
part of the surface (large 
r,; and small fre) corre- 
sponds to the initial sysicein 
for the reaction, i.e. to —= 
the molecule YZ and the 0670 1.2 14 161. 
atom X which does not in- Distance XY 
teract with the molecule. 
Here the profile of the ver- 


ost 


Distance xX-Y¥ (r), 


Fig. &.2. A potential-energy surface map 
for the reaction hetween an atom and a 


tical cross-section of the diatomic molecule: 
surface will OXPPFeSs the The dotted line is the reaction path (the reaction 
dependence of the poten- coordinate); the cross is the saddle point. 


tial energy of the molecule 

YZ on the distance ro (curve /). The lower right-hand part of 
the surface corresponds to the reaction products XY + Z. Here 
the profile of the vertical cross-section expresses U = f(r) for 
the molecule AY. Besides, there is a flat plateau in the upper 
right-hand part of the poiential-energy surface. It corresponds 
to three free, i.c., non-interacting, atoms separaicd by sufficiently 
large distances. 

Perhaps, the easiest way for the system to get from the initial 
to the final state is to travel along the floor of one of the valleys 
(the entrance valley or channel) over the mountain pass and, 
farther, along the floor of the other valley (the exit valley or 
channel). Other paths are also possible, of course, but they will 


* In the same way as for a diatomic molecule U = /(r) and is expressed 
by means of a plane curve. 
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all be associated with a greater consumption ol energy. kor 
example, we can visualize the initial dissociation of the molecule 
YZ into free atoms with the subsequent recombination of X and Y. 
This would mean the initial rise of the reacting system to the 
flat plateau with the subsequent descent into the valley of the 
products * (called the exit valley or channel). The energy AZ 
required for this to occur would, however, be considerably higher —- 
the plateau is situated much higher than the mountain pass 
between the valleys. The probability of this or that process (and 
the rate of its progress) 1S propor- 
tional to the factor exp(—AE/RT7), 
which decreases very rapidly with 
increasing A£. Therefore, in the 
overwhelming majority of cases, the 
reaction is effected by the route of 
the least energy consumption; it is 
designated by a dashed line in 
Fig. 8.2 and is called the reaction 
path or the reaction coordinate. The 
highest point of this reaction coordi- 
| nate—the mountain pass or the ener- 
Fig. 8.3. The energy profile of gy barrier (marked by an X) with 
the reaction path: the coordinates r; and r4—corre- 
Eis the activation energy of the sponds apparently to the transition 
forward reaction: Eg is the activation state or activated complex since oniy 
eneey Ol ie reaction heat ~~ When this point has been reached can 
the system begin descending into the 
(exit) valley of the products XY + Z. For more clarity, we can 
flatten out the reaction coordinate into a straight line and lay 
off the portions of this path along the abscissa and plot the 
heights or energies correspondine to the path points along the 
ordinate. Then a curve with a maximum is obtained, which may 
be called the energy profile of the reaction path (Fig. 8.3). The 
point of the maximum—the so-called saddle point (the top of 
the energy barrier)—corresponds, as has already been said, to 
the transition state X---Y---Z. The height of the maximum, or the 
energy difference between the zero vibrational levels of the tran- 
sition state and reactants, Eo, is the energy of activation, i.e., 
the energy minimum required for the transition state (activated 
complex) to be formed from the reactants. Since the difference 
between the zero levels is taken, the energy of activation should 

be regarded as being referred to the absolute zero. 
In connection with Fig. 8.3 we may also note the following. 

For the reverse reaction 
XY+Z — X+Y2Z 
* This path is marked by two arrows (a and )), 


XY¥+Z 
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the transition state will have the same configuration as for the 
forward reaction, only the reaction coordinate must be counted 
off in the opposite direction. The activation energy of the reverse 
reaction will be £j and the quantity AE will represent the heat of 
the reaction, which is thus equal to the difference in activation 
energy between the forward and reverse reactions. 

The construction of a multidimensional potential-energy sur- 
face is thus intended to solve a number of important problems 
and, in the first place, shows the fundamental way to a theoreti- 
cal calculation of the activation energy (though this way is not 
yet practically available because of the mathematical difficulties 
involved). Secondly, the position of the saddle point on the poten- 
tial-energy surface gives directly the internuclear distances in the 
transition state of the system, r; and r5. Moreover, the configura- 
tion of the saddle could provide information on the vibrational 
characteristics of the transition state if the potential-energy sur- 
face were constructed accurately. 

All these data are necessary for a complete theoretical calcula- 
tion of the reaction rate and the construction of the potential- 
energy surface is the first step in this calculation. 

Thus, there appears the possibility of developing a theory that 
will allow the rate of a reaction to be theoretically calculated on 
the basis of the properties of the reactant molecules—the theory 
of absolute reaction rates. This possibility, however, remains, up 
to now, a mere possibility since the complete calculation, includ- 
ing the determination of the activation energy, can be carrie«l 
out, and even then approximately, in the simplest cases, for 
example, in the following exchange reaction 


D+H. — DH+H 


Nonetheless, even the mere possibility is a step forward since 
what remains to do is to cope with the mathematical difficulties 
involved. More significant are the advances achieved by the tran- 
sition-state theory as regards the calculation of the pre-exponen- 
tial factors A in the Arrhenius equation. * 


8.2. Statistical Calculation of Reaction Rates 


We have resorted earlier to a mechanical analogy (see Sec. 2.3) 
in describing the interconversions of the kinetic and potential 
energies in a diatomic molecule, which are analogous to the 
transformations of the energies of a heavy material particle slid- 
ing without friction in the field of the gravity force along a 
trough simulating the profile of the potential-energy curve. In 


* See Chapter 8 (Sec. 8.3). 
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this case too it is useful to resort to the same analogy by visual- 
izing a particle having a certain effective mass m* and sliding 
along the potential-energy surface. With the appropriate selection 
of the effective mass, the interconversions of its kinetic and poten- 
tial energies will simulate the corresponding conversions in the 
triatomic system under consideration. The effective mass m’® 
should not be confused with the mass of the transition state (the 
activated complex); this is an auxiliary quantity which depends, 
lor example, on the intensity of the gravity force. The final cal- 
culation results do not contain m*. For the sake of rigour it 
should also be pointed out that for 
a more precise concordance to be 
obtained between the energy conver- 
sions for the particle m* and the 
triatomic reacting system, the values 
of r; and ra should be plotted along 
the axes of oblique coordinates in 
constructing the  potential-energy 
surface (Fig. 8.4). As can be shown, 
the following relationships must be 


“4 


Satisfied: 
=x — y tan® 8.2 
Fig. 8.4. Construction of the Pres eZ tan (8.2) 
potential-energy surface in r2 = Cy sec 0 (8.3) 
oblique coordinates. where x and y are the rectangular 


coordinates corresponding to r; and 
ro, and C is a constant. It can also be shown (we shall not dwell 
on the details here) that the constant C and the angle 0 depend 
on the masses of the three particles which make up the system. 
Namely, 
1, (Mle + tg) Yl 
C= 03 (112, + Ng) | 
, 111 ,/Ls Mg 
sin 0 = (770, -f rte) (tz ++ 1713) 
From the conditions (8.4) it follows, for example, that with the 
masses being equal, mi, = my = mz, the angle 0 = 30° and, hence, 
the angle between the axes is 60°. At the same time, the factor C, 
which specifies the extent of change ol the scale of the rectangu- 
lar coordinates for the transition to re, is equal to unity. The 
rectangular coordinates (@ = 0) are applicable when the ratios 
,/M, Or m3/nlg are small (for example, for the reaction H + 
+ Bro = HBr-+ Br) but C is in this case different from unity. The 
procedure described is sometimes called the reduction of the kinetic 
energy to a diagonal form. 
We are now in a position to represent the reaction X% + YZ— 
—+ XY + Z under discussion by the travel of the particle m* along 


(8.4) 
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the reaction coordinate. To do this, let us return to the energy 
profile of the path, ie., to Fig. 8.3 in which the particle m’* is 
shown by a filled circle. If this particle has initially a sufficient 
kinetic energy, it can ascend to the saddle point and then roll 
down with an ever increasing velocity into the exit valley. In 
other words, in this case, in our triatomic system the relative ki- 
netic energy upon approach of the particles X + YZ is high 
enough for the repulsive forces to be overcome and for the tran- 
sition state to be formed. The transition state complex is then de- 
composed and the reaction products fly apart with an ever in- 
creasing velocity. 

From the above standpoint it must be understandable that the 
rate at which the given elementary reaction act proceeds is de- 
termined by the velocity with which the representative particle 
mi* moves across the top of the potential energy barrier. In differ- 
ent reaction acts the velocities will be quite different—this is 
in fact the manifestation of the thermal motion of molecules. At 
a given temperature, however, this velocity may be characterized 
by a certain mean value. We shall calculate it at a later time. 
Further, to simplify the calculation, it is useful to assume the 
existence of a flat portion on the reaction path, of length 6, at 
the crest of the barrier. This is, in principle, tantamount to assum- 
ing that the transition state exists not at one point with the strict- 
ly fixed distances r; and ro but within a certain interval of these 
distances. The quantity 6 is here arbitrary and is introduced 
only for the sake of clarity into the calculations and is dropped 
out from the final result. Since the crest of the mountain pass is 
assumed to be flat, the motion of the representative particle on 
this portion of the reaction path may be regarded as one-dimen- 
sional and the average velocitv with which the particle passes 
over the barrier can he calculated as the average velocity ol 
thermal motion of molecules of mass m* along one coordinate. 
This velocity is known from formula (6.8): 


i=( hT \" 
_— 2a 


Now, knowing the portion of the path on which there exists the 
transition state we can easily find its average lifetime: 


; / 
r= faa /f(tlh\* (8.5) 
x 2stm* 


The decomposition of the transition state, i.e., the reaction 
XYZ —» X+FYZ 


is naturally thought to be unimolecular and first order. But for 
such reactions, as has been shown earlier (see Sec. 2.1), the av- 
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erage lifetime is the inverse of the reaction rate constant. Hence, 
the rate constant of the decomposition of X---Y---Z is determined 
by the relation 


l kT \'h 1 
A = ( —- 
RI T 2mm* 6 (8.6) 
and the observed reaction rate is equal to 
_ pe #_(_kT "= A 
w= ky 2am" 5° (8.7) 


Here c* is the concentration of activated complexes; it is unknown 
and must be replaced by more readily determinable quantities. 
This is done on the basis of the assumption (introduced by Arrhe- 
nius) of the equilibrium between the activated states and the 


reactants: 
X+ YZ uw X.--Y---Z 


We may thus write the equilibrium constant 
ce 


(8.8) 
Cx¢yz 


Ky = 


This relation can then be solved for the concentration c* and the 
solution substituted into the equation for the reaction rate. We 


gel 


RT \'2 | 
w= ( on ) > K* cyeyz (8.9) 
Now we pass from the rate to the rate constant, taking advantage 
of the basic law expression for the initial bimolecular reaction: 


Comparing the last two expressions, we find the rate constant 
for the reaction under consideration: 
RT \'o 1 we 
t= (sar) Ke 8.11) 
The rate constant of any other reaction will be expressed in ex- 


actly the same manner; the only difference will be in the method 
of writing the equilibrium constant for the activated complex, 


KZ, the determination of which will now be taken up. 

It will be most expedient to make use of the methods of sta- 
tistical thermodynamics discussed in Chapter 5; these methods 
allow the equilibrium constant to be expressed in terms of the 
partition functions per unit volume qg [Eq. (5.63)]. For the given 


case, the equilibrium constant will have the following form: 


#) —E*/pRT 
a (a7) e ° / (8.12) 
VXI yz 
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tlere the numerator of the exponent must have contained the 
heat of the reaction at absolute zero but in the given case it is 
replaced by the energy consumed for the formation of the activat- 
ed complex—the energy of activation at absolute zero,£,. In 


the expanded form £, is written as follows: 
EX = US — Uy (x, — Yowz 


where Ug) are the zero-point energies of the participants of the 
activation process. 

The partition functions of the reactants, gx and qyz, are usually 
found without considerable difficulties on the basis of the molecu- 
lar characteristics, for example, by the approximate methods des- 
cribed in Chapter 5. As regards the partition function of the acti- 
vated complex (qg*), it is first decomposed into two cofactors, 
extracting from the total sum the term corresponding to the uni- 
dimensional translational motion of the representative particle 
m* across the top of the energy barrier. Using the respective 
expression from Chapter 5, we get 


* "ly 


where g* is the partition function of the activated complex for 
all the other kinds of energy, t.e., the three degrees of freedom of 
translational motion in ordinary space and also the electronic, 
vibrational and rotational energies. Substituting the partition func- 
lion (g*) from Eq. (8.13) into the equilibrium constant and the 
latter into the rate constant (8.11), we arrive at the expression 


Ky 
kT \ | (Qsun"k T) ge a 
B= | * — - ——_—_——_- § ——-¢ 
i DMN d h INI yy 
Or 
A Le 
Riy — AT . q 0 RT (8.14) 
hi Vxdyz 


which no longer contains the auxillary quantities m* and 6. 
Equation (8.14) is the general expression for the rate constant 
of the reaction under consideration, which involves three atoms. 
It contains the universal factor RT /h, which has the dimensions 
of the frequency (sec)—', a fraction including the partition func- 
tions, and an exponential function with the energy of activation. 
On the whole, as has been found, the pre-exponential factor does 
not depend strongly on temperature and can be compared with 
the corresponding factor of the Arrhenius equation. Hence, the 
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entire equation (8.14) is an equation of the Arrhenius equation 
type. It may also be noted that for any other reaction the expres- 
sion for the rate constant has the same form—the only difference 
is in the method of writing the fraction with partition functions, 
which represents the equilibrium constant. 

At this point it is expedient to consider the nature of the acti- 
vated complex from a physical viewpoint. It may be regarded as 
a normal molecule, the only difference from a stable molecule 
being that it has one less vibrational degree of freedom and, in- 
stead, there appears translation along the reaction path; the latter 


# 
T ©-O-O 7 ‘ae 4 
an 
1 OOO NO 2 
a (a) ~ (6) (c) 


Fig. 8.5. The persistent (/) and disappearing (//) valence vibrations in a 
linear triatomic activated complex: 


(a)— phases of vibrations; (6)—corresponding vibrations of the representative particle m°* 
along the potential-energy surface; the cross is the saddle point; (¢c)—energy protile of the 
reaction path. 


refers to the reacting complex and may be disregarded when the 
coniplex is treated as a normal molecule. But what kind of vibra- 
tional motion is absent in the activated complex? The answer to 
this question is provided by Fig. 8.5. Two kinds of valence vib- 
rations in a triatomic linear activated complex are shown. From 
Fig. 8.5 it must be clear that only the first vibration is stable, 
which is associated with the simultaneous decrease or increase of 
the internuclear distances r; and ry. In this case, the representa- 
tive particle is situated in the potential well, which makes possi- 
ble a periodic motion. In the second mode of vibration possible in 
the stable molecule, the representative particle is situated at the 
top of the energy hump (Fig. 8.5, c), from which it can descend in 
either direction. The deformation vibrations inherent in a linear 
triatomic molecule are stable in the activated complex as well. 

The equation derived for the rate constant is usually supplement- 
ed by introducing the so-called transmission coefficient », which 
takes account of the possibility of the representative particle m”* 
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“rolling” also into the valley of the reactants, 1.e., 
& —E*/RT 
ky axe v/ ‘8.15) 
1 IX4yz 
The quantity x is apparently equal to or less than unity; there 


are no methods of calculating this quantity theoretically. 
Let us, finally, write the rate constant in the most general form: 


kT pe 
Here the following notation is introduced: 
“ ge ES [RT 
(kK; )= € 
GxX4yz 


The quantity (KZ) may be regarded as the equilibrium constant 
with respect to the activated complex as a normal molecule; (K*) 


is evidently different from the previously introduced constant K7 
which refers to the activated complex moving along the reaction 
path. * 


8.3. Application of the Basic Law to Individual Types 
of Reactions 


Recombination of two atoms and comparison with the collision 
theory. Interesting results are obtained if the basic equation (8.15) 
is applied to a bimolecular reaction involving two atoms: 


X+ Y 27" X---Y — XY 
Equation (8.15) assumes the following form in this case 
q* jo LRT 
Gx dy 


[= * (8.17) 
The diatomic activated complex has three translational degrees 
of freedom and two rotational degrees of freedom. Vibrational mo- 
tion is absent. In accordance with the approximate formulas of 


Chapter 5, ils partition function mav be written thus 
am of [2x (77x + ny) RT)" Bn2) Eb 
q = 8, rs _—3— 


Mym 
ny? XY __ 7? 
/ Neer my + my — Dy ..yH 
* The partition function of the activated complex (g*) contained a term 


for this motion. 


8—94 
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in which g* is the degeneracy of the ground electronic level; sx 


and my are the actual masses of the atoms; and /* is the moment 
of inertia of the activated complex. 

The partition functions of the starting atoms are represented 
only by the electronic factors and the components of translational 
motion: 

(2rmykT) (2umykT) 
Ix = Sox) pe and dy = By) Ga 


Substituting the partition function into Eq. (8.17), we get 


= My = 
gp } | —E* [RT . 
Bux) oy) nx Ny 


The resulting equation can be simplified if we ignore the factor 
EF" /SoxZoy,, Which cannot be much different from unity since the 


degeneracies of ground electronic levels are equal either to unity 
or to small integers. Setting tentatively the transmission cocffi- 
cient equal to unity and introducing the molecular weights, we 


write 
» | | "9 —EX [RT 
Rip = OX.Ly { Si RT Gr + a) e (8.19) 


This expression practically coincides with the formula of simple 
collision theory (7.11) and, hence, both theories lead in this case 
to identical results. 

Certain diflerences can be noted between Dx..y and Dag and 
also beiween &” and E. As is clear from the foregoing, Dx... is 
the internuclear distance in the activated complex, and Dag is the 
average gas-kinetic collision diameter. Of these quantities Dx...y 
has a clearer physical neaning and preference should be given to 
this quantity. On the oiher hand, the energy of activation Ej’ re- 
fers to absoiviec zero aid not to the reaction temperature. This 
difference is more serious but has no practical importance because 


of the low accuracy of calculation of E%” even in those cases 
when it is generaliy possible. In anv event, on the basis of 
Eas. (8.19) and (7.10) we can put 


ay) 5 ops | | My 


where Zo is the frequency factor of the collision theory and A is 
the pre-exponential factor in the Arrhenius equation. The coinci- 
dence of the basic refations ts undoubtedly of fundamental impor- 
tance since it points ito the well-known similarity between the 
iwo theories or, more exactiv, indicates that the more general sta- 
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—E ee 


tistical transition-state theory incorporates simple collision theory 
as an element. The coincidence has no practical importance in 
this case since the full expression for the rate constant includes 
a transmission coefficient which is of the order of 10-'* for a reac- 
tion of two atoms, i.e., no bimolecular recombination of atoms 
occurs. 

It is more expedient to make use of the resulting relation for 
a further comparison of transition-state theory and collision theo- 
ry. To simplify the problem, we shall assume that the partition 
function for each kind of energy may be expressed by the product 
of a certain number of identical factors—one for each degree ot 
freedom. Thus, denoting through Qtr, Qrot, and Qvin the partition 
functions of the translational, rotational and vibrational degrees 
of freedom, we write for the general case: 


t z + 
q = QQ o1Qyin (8.21) 


where ¢, r, and v are the numbers of the corresponding degrees 
of freedom. For the above-considered reaction between two 
atoms 
__ fy _ 73 ~ npr? 
%=Qe Iy=QA, and g™ =Q:,9,., 
Hence, 


) 


rot 


kT qv kT Q 
h axqy h Q). 


(3.22) 


and the quantity (Rk7/hA) Qro/ Qi may be considered to be equal 
to the collision frequency at unit concentrations (nx =ny = 1), 
which is what follows from formula (8.20). 

If we pass from two atoms to a bimolecular reaction between 
two non-linear molecules A and B with the number of atoms na 


and nz then 
314 —6 


qa — Qi-QotQ vib 

7B — 21.0312); ‘ ~ 
and 

y= UO Qi 

since the activated complex has one less vibrational degree of 
freedom than a normal molecule consisting of na + ng atoms. We 
denote the pre-exponential factor of the equation for the reaction 
under consideration as A. Then 


kT q*® oT Q? 
~ 3 53 
h TAB h V1 Qrot 


8* 


228 Ch. 8. Transition-State Theory 


or, on the basis of Eq. (8.22), 


Q 5 
Aw Zz ( wt) (2.23) 
Qrot 


Thus, the frequency factor of the statistical theory will differ in 
this most general case of a bimolecular reaction from the quanti- 
ty Zo of simple collision theory by (Qvin/Qrot)® times. As known, 
Zy does not correspond in many cases to the experimental pre-ex- 
ponential factor in the Arrhenius equation; to bring them into 
agreement, the steric factor smaller than unity is introduced. Since 
the ratio Qvin/Qrot is also smaller than unity, it has been sug- 


vested that 
Qvib ) 
Pa 
( Qrot 


This refers to the interaction between non-linear molecules. Ana- 
!ogous calculations for molecules of other types can be given 
(Table 8.1). 


TABLE 8.1. Expressions for the Steric Factor In a Bimolecular 
Reaction Involving Different Types of Molecules 


Types of reacting molecules P 


Two sioms | 
An <ctom and a diatomic molecule 


a non-lincar complex Qvib/@rot 

a linear complex (Qyib/ rot)? 
An atom and a polyatomic molecule (Qyin/@rot)? 
Two diatomic melccules 

a non-linear complex (Qvib/ rot)” 

a linear complex (Qvin/@rot)' 
A diatomic and a polyatomic molecule (Qyib/Qrot)* 
Two polyatomic molecules (Qyib/@ rot)? 


In connection with the data presented in Table 8.1 it may be 
pointed out that, as a rule, the vibrational partition function is 
lower than the rotational partition function by one or two orders 
of magnitude; Qyin is close to unity for not too weak vibrations 
and ordinary temperatures and Qrot usually has values from 10 
to 100. Therefore, the ratio Qviv/Qrot may be found to range from 
i0-' to 10-* and the power of this ratio, which determines the 
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steric factor P according to the theory, will decrease with increas- 
ing complexity of reacting molecules. Such is the plausible qual- 
ilative interpretation of the steric factor within the framework 
of the statistical theory. 

A somewhat different approach to the determination of P will 
be given at a later time in connection with the thermodynamic 
aspect of the theory. 

Formation of Hydrogen Jodide. The bimolecular reaction 


Ha + I, = 2HI 


proceeds most probably via the formation of a planar symmetrical 
complex of the type shown in Fig. 8.6. Based on the participation 


A 

| 
pi-g 
rn (), 


ae 


B 
Ww mH HH FH Ht fH Hf NH H 
Or ~~ x (6) 
It |p to if fy ly At [7%] 
+ (@) ~~ 
I HI lV v VI 


Fig. 8.6. Concerning the reaction of formation of hydrogen iodide: (a)—ex- 

pected configuration of the activated complex Hele, which is symmetrical with 

respect to the plane AB; (b) — modes of vibration of the atoms in the com- 
plex: 


I— deformation vibrations; /J—vibrations leading to decomposition. 


in the reaction of one electron from each of the atoms, we can 
solve a quantum-mechanical problem called the four-electron 
problem. Without going into the details, we only point out that 
the solution of the corresponding secular equation may, in prin- 
ciple, lead to the configuration of atoms with an energy which is 
maximal in the direction of the reaction path and minimal with 
respect to all other deformations. The solution of the problem is 
considerably facilitated by the use of mechanical devices, for 
example, six hinged or sliding rulers (suggested by Altar and 
Eyring) on each of which are marked the values of one of the six 
binding energies as a function of the internuclear distances. The 
data required for drawing up these scales are obtained in a gen- 
eral case, if all the four atoms are different, from the six Morse 
functions for six diatomic molecules. It is understandable that for 
Hol. the number of required functions is reduced. In the four-atom 
complex Holy there are 6 normal vibrations shown in Fig. 8.6; 
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the frequencies of these vibrations can also be calculated, though 
less accurately. 
Below are given some of the calculated results (in cm’): 


VI Vil VIII Viv Vv Vl 
994 86 1280 965 1400 1730 


In view of the configuration of Holy being symmetrical with re- 
spect to the AB plane it is sufficient to know three interatomic 
‘distances. Calculations have given the following results: rae, = 
— 0.97, foul) = 1.75, rua) = 2.95 A. The three inertial moments 
of the activated complex take on the tollowing values: 

!q ly I 


921.5 6.9 928.5 g-cm?- 104° 


The moments of inertia for the molecules He and I, are respec- 
tively equal to 0.456 and 748.5 X10-*° g-cm*. The energy of acti- 
vation (£0) calculated to a low accuracy (Eo = 49.6 kcal) is found 
to be by almost 25 per cent higher than that determined on the 
basis of experimental data (Eg = 40 kcal). 

For the reaction between iodine and hydrogen the equation for 
the rate constant of reaction, (8.15), becomes 


(om eT)” 8x? (Ba*alpL)'* (T)"* 
kay ee. a 7 J 
" ho (Qnm kT)! (QumpkTY BUEN RT | Bat lokT 
BB hs o,h° Ooh? 
® — | 
al (1 — e—hv */kT) _e% Jer 
7 TaykTy= ° (8.24) 


({ — e—hv./kT)~' (1 — e—hvlkT)—! 


Here, an approximate method is used (see Chapter 5) to interpret 
the partition functions g;, which is based on the assumption of 
the independency of the individual types of motion. The numera- 
for refers to the activated complex and the denominator to the 
reactants. 

The symmetry number o* is equal to 4 and o, and oe are equ! 
to 2, so that in Eq. (8.24) they cancel out. The electronic and nu- 
clear factors are assumed to be equal to unity. 

With all these data no values of the constants being in satistfac- 
tory agreement with experimental values are obtained. But if 
certain corrections are introduced into the explicitly inaccura‘e 
frequencies, namely, if v5 and vg are assumed to be equal to 180 
and 1000 cm—', a certain agreement can be arrived at. If further 
we assume log k = 1.808 at 700 K as the initial experimental val- 
ue, then, first, tne energy of activation, £o, will be equal to 
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39.7 kcal. Second, the constants calculated with such corrections 
introduced for other temperatures agree satisfactorily with ex- 
perimental values (Table 8.2). 


TABLE 8.2. Calculated and Experimental Rate Constants for 
the Reaction of Hydrogen Iodide 


log Ry] 
T, K 
obtained experimentally calculated 
975 —0.88 — 0.85 
700 1.808 1.808 
781 3.13 3.09 


Of course, these agreements may be recognized as a certain 
achievement of the theory, but a complete theoretical calculation 
of the reaction rate, which is exactly what is claimed by the theo- 
ry of absolute reaction rates, still remains, strictly speaking, to be 
a tere possibility. 


8.4. The Thermodynamic Aspect of Transition-State 
Theory 


Neglecting the transmission coefficient, let us define the rate 
constant of a reaction in the following general form: 


k =—- (K*) (8.25) 


Here (A*) is the equilibrium constant for the process of farma- 
fion of an activated complex which is regarded as a normal mole- 
cule. The equilibrium constant can be expressed with the aid of 
the well-known thermodynamic equation 


RT in(K*) = — AG® (8,26) 


where AG* is the standard* free energy of activation. Using 


* The notalion usually adopted for the standard free-energy change is AG®. 
Though the zero superscript is omitted here, it must be remembered that all 
the changes of the thermodynam’e functions are used on the assumption that 
beth the reactants and the activated complex are in their standard states. This. 
Eq. (8.26) relating K, to AG® is valid only under standard conditions with 
molar concentrations (say, mole/ml) being cqual to unity and not with the 
pressures p?==1atin. In thermodynamics, the letter G is used to denote the 


‘Gibbs flee energy. 
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this expression, we may introduce the free energy into the expres- 
sion (8.25) for the rate constant: 


ART 4-AG*IRT (8.27) 


— 
At constant temperature AG* is expressed in terms of standard 
changes of enthalpy and entropy: 


AG* =AH* — TAS*® 
Therefore, Eq. (8.27) may be rewritten also in the following form: 


_ AT pdS*IR,—AH*/RT 


kr P 


(8,28) 
where AH* and AS* are, respectively, the standard heat at con- 
stant pressure and the standard entropy of the formation of an 
activated complex. 

Equations (8.27) and (8.28) show that, strictly speaking, it is 
the free energy of activation that determines the reaction rate and 
not simply the energy or heat of the process, as it follows from 
the Arrhenius concepts. True, only in those not rare cases when 
the change in entropy accompanying the activation process is in- 
significant, is the effect of the activation heat predominating. 

To compare Eq. (8.28) with experimental data and to deduce 
certain consequencies, we must dispense with the directly indeter- 
minable activation enthalpy and replace it with the experimental 
energy of activation, Ea. For this replacement to be correct, it is 
necessary to carry out a certain procedure. If the rate constant is 
expressed in terms of concentration units, the standard state may 
also be conveniently defined as one with a concentration of Il 
mole/cm’. Having agreed on this, we take logarithms of Eq. (8.25): 


R # 
Ink, = In— + In T+ In(K>) 


Differentiating this relation with respect to temperature and using 
also the Arrhenius equation and the van’t Hoff equation, we ob- 
tain 
. - 
dink, Ey 1 n din(Ky) 1 A AU* 


Se a ee cS ES ee 
—_—— a 


dT RT? T dT 7 RT- 


Hence 
E, = RT + AU* = RT + AH® — pAv® (8.29) 


Here AU* is the change in internal energy of the system during 
the activation process; if the system is ideal, then AU* as well 
as AH#* is independent of the selection of the standard state. But 
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for AS* the nature of the standard state becomes essential. 
Therefore, we rewrite Eq. (8.28) in the following form: 
pp AS /R -AH*/RT 
kp =—— e e 
h 
and substitute AH* from Eq. (8.29) into this expression. We get: 


(Ey, - 
k= gsi je, (ear ar te ave YRT 
For a gas reaction, pAV™ is approximately equal to An*RT, whe- 
re An* is the change itn the number of molecules during the for- 
mation of an activated complex. Therefore, 


bT —(\n*—1) AS* IR —E,/RT 
r= C e eC 
h 
{f the reaction involves x molecules and leads to the formation of 
a single transition-state molecule, then An* = 1—vy»x and, hence, 


kT , SSPR -Eq/RT 
kr = ee e 


(8.30) 


In thermodynamics, another standard state is usually employed, 
namely, that of an ideal gas at 1 atm pressure. All the tabulated 
values of entropy are referred to this system of standardization. 
Therefore, it is expedient to make use of the following thermody- 
namic relationship * 


AS, = ASp — AnR In RT = AS, — (1 — x) Rin RT 


where AS, is the change in entropy during the activation process 
when both the reactants and the transition state complex are at 
a pressure of | atm. 

With AS, the equation assumes the following form 


Asp /R -Eq/RT Asp /R —Ea/KI 


ep ne ete—(I-n In RT RU x (RT)*<—! e (3.31) 
h h 

For a bimolecular reaction, x =2 and therefore Eqs. (8.30) and 
(8.31), with the transmission coefficient being taken into account, 


* Here use is made of the well-known thermodynamic formula for the iso- 
thermal change of the entropy of an ideal gas: Sy —S,=—RIn a5 If P,» = 
2 


= 1 atm, then S,=S, (standard entropy at P=1I1 atm). If P,; = RT/V,, 
where Vy = | cm?/mole, then S,=S, (the standard entropy at a concentra- 


tion of c = 1 mole/cm’). Consequently, S,=S, + Rin RT. In connection with 


the last formula, it must be noted that if R outside the logarithm is expressed 
in the same units as the entropy (usually, in cal-deg-'-mole—'), then for the 
expression for R under the logarithm we must put 82.06 cm*-atm-deg-!-mole-!. 
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will become 
se 
RT AS; [R —E,/RT 
é 


kp = xe? 7 (8.32) 
and 
kp = xe? = pre se /R,-EAlRr 8.33) 
For a molecular reaction, x = 1 and, hence, 
k, = xe ste edSFIR,~EALRE (8.34) 


In this last case the entropy of activation is independent of the 
choice of the standard state and the numerical values of the rate 
constant depend on the concentration units. 

It is interesting to establish further at what values of the 
entropy of activation the simple collision theory will give correct 
results or, in other words, what entropy of activation will corre- 
spond to a “normal” bimolecular reaction (Chapter 7, Sec. 7.1), 
for which the frequency factor Z) = 2.8 * 10'* cm?/mole-scc, 
(Eq. 7.16). We shall now calculate the factor before the entropy 
term of Eg. (8.32) without the indeterminable coefficient x for 
“ordinary” temperatures, sav, 600 K: 

—16 
AT | 1.38X 10 X 600 (2.7)? x 10" 
h 6.7 xk 10 ~ 

Thus, for “normal” reactions of the simple collision theory the 
- 
entropy term itself, eh SE [Rr must be approximately equal to 
2.8 ~ e. In other words, the entropy of activation ASZ is equal 
in this case to R, i.e., 2 cal/deg-mole, and is a small positive val- 
ue. On the basis of this calculation we can assuine that if the 
entropy of activation is close to zero, i.e. AS? =0, then the nu- 
merical value of the pre-exponential factor olf Eq. (8.32) corre- 
sponds to the normal reaction, i.e., Zo = 2.8 * 10'* cm?/mole-see. 


But if ASZ >> 0, then the entropy term 


x 
NS 7 [RT 
e c / > l 


and the pre-exponential factor will be greater than the normal 
value: this is a case of “fast” reactions. On the contrary, if AS? < 
<0, the entropy term 
AS [RT 
3 < | (8.35) 


and the pre-exponential factor will be smaller than the normal 
value and will evidently correspond to “slow” reactions. 


8.5, Unimolecular Reactions 935 


© 0 mm ee es 


Hence, the change of the entropy during the formation of an 
activated complex directly determines the numerical value of the 
pre-exponential factor in an equation of the Arrhenius equation 
type and is formally one of the quantities that determine the rate 
of the reaction. Since the quantity e?k7/h coincides, in order of 
magnitude, with the normal quantity Zo of the collision theory, 
then the entropy term exp (ASZ7'/R) acquires the meaning of the 
Steric or probability factor P formally introduced by the theory 
of activated collisions. 


8.5. Unimolecular Reactions 


Certain advances have been achieved by the transition-state 
theory in calculating the frequency factors for unimolecular 
reactions: 

A —> A* —» B+C 


In this case the basic equation of the type (8.15) takes the form 
AE a Fo RT 
h 4p 


The activated complex A*, which is probably formed by wav of 
a fruitful activating collision, is a molecule consisting of the same 
number of atoms and evidently does not strongly differ in strttc- 
ture from the original molecule, only one or more of its bonds are 
in the process of being broken. This difference will be manifested 
in the disappearance of one vibrational degree of freedom. In view 
of what has been said, it is reasonable to assume, as is ordinarily 
done in discussing the steric factor of bimolecular reactions, that 
the partition functions are equal to the product of a series of co- 
factors which are the same for all the degrees of freedom of a 
given type of motion. Then Eq. (8.36) will be rewritten in the form 


373 pA3n--7\7% ~ 
kT (Q 5, Q751Q07, —Ey [RT 
* ° 373 pane © 
h V1 Qo vib 


Here the reactant molecule and the activated complex are con- 
sidered to be n-atomic non-linear molecules. 

The translational partition functions, which depend only on tem- 
perature and the total mass of the molecule, are evidently the 
same in the initial and transition states. In the rotational parti- 
tion functions all the constant quantities will cancel out and there 
will remain only the symmetry numbers and moments of inertia 
if it is assumed that they are different in the activated complex 
and in the reactant molecule. In a non-linear reactant molecule 
there are 3n—6 modes of vibration, and in the activated com- 


k= (8.36) 


k= (8.37) 
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plex there is one less vibrational degree ol freedom (3n — 7). As 
a result of this detailing, Eq. (8.37) becomes 

| 3n—7 nm = E® 
o, Geraha ts TT ( _ pal /kT) ka 
eé 


= — (8.38) 
o™ (al plc)” TT — eT i/kT) h 
Unfortunately, the equation in this more or less complete form 
is difficult to compare with experimental data: hypotheses are re- 
quired concerning the detailed structure of the activated com- 
plex and the forces opcrating inside it and more or less unreliable 
estimations of the transmission coefficient x are unavoidable. In- 
stead of all this, it is possible, by way of a further approximation, 
to consider the structure and other properties of the transition 
complex to be only slightly different from the respective data for 
the reactant molecule. In particular, the frequencies of all tlie 
vibrations are assumed to be identical, except for one which is 
replaced in the activated complex by the translation along the 
reaction coordinate. Then, Eqs. (8.37) and (8.38) simplify con- 
siderably: 
1 — e~AVikT) yee [RT (8.39) 


eT OM HES / RT _ aT 
A Qvib h 


Thus, first, the frequency factor of a unimolecular reaction is 
approximately equal to RkT/AQvin. At the same time, the simple 
collision theory leads [Eq. (8.22)] to the frequency factor 
(RT/h) Q-,,/Q¢ which is lower than that written above by Q} /Q? .Q.. 
times. Since Qtr is relatively high, the frequency factor of the 
collision theory is found to be too small. Second, introducing a 
further approximation, we may take into account that for ordinary 
vibration frequencies and moderate temperatures the exponent 
hv/kRT has a value of the order of several units. Therefore, the pow- 
cr in parentheses may be neglected as compared with unity aid 
we may write a general approximate expression for the rate con- 
Stant of unimolecular reactions in the following form: 
kT —&G [RT 
ki == @ 0 / 

At a temperature of 300K, k7/h = 0.6 X 10'8 sec7! and it thus 
follows that the frequency factor of Eq. (8.40) coincides in order 
of magnitude with the “normal” value obtained on the basis of 
experimental data (Table 7.2). Hence, the transition-state theory 
in a first approximation solves in quite a simple way the problem 
of unimolecular reactions. 

Equation (8.40) is derived on the assumption that hv > eT. 
But if, on the contrary, Av/RkT is small, say, at high temperatures, 


(8.40) 
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then, expanding the term exp(—x)=exp(—Av/kT) as a power 
series in x and rejecting all the terms after the second, we can 
obtain the following expression: 


—E® [RT 
k, = ve v/ (8.41) 


Here, according to the meaning of the derivation, v is the fre- 
quency of the vibration which is present in the reactant molecule 
and absent in the activated complex and which may be believed 
to occur along the bond being broken. The vibration frequencies 
usually range from 10!% to 10!* sec—', so that, from this standpoint 
too, the theoretical pre-exponential factor of a unimolecular reac- 


tion corresponds to the “normal” value. The factor exp(— Ey” /RT 
may be regarded as a fraction of micro-objects, whose energy in 
two quadratic terms is equal to or greater than Ey. Therefore. 
expression (8.41) gives a fraction of harmonic oscillators having 


an energy equal to or greater than Ey and therefore capable ol 
entering into reaction. As can be easily seen, Eq. (8.41) coincides 
in form and is close in essence to Eq. (7.52) of the Slater theory, 
where v expresses the weighted mean frequency of osciJlators. 

Thus, the activated-complex theory has made certain advances 
also in the computation of the pre-exponential factors for unimo- 
lecular reactions. 


8.6. Termolecular Reactions 


Table 7.6 gave a number of examples of third-order reactions. 
Of those listed only three reactions are ordinary chemical reac- 
tions (the interactions of nitric oxide with oxvgen or halogens). 
It is for these reactions that the use of the collision theory has 
proved quite unsatisfactory and for the calculated reaction rate 
to be brought into agreement with the experimental value a steric 
factor of the order of 10-® to 10-7’ had to be introduced. Re- 
combination processes in which a ternary collision is required 
for the removal of the excess energy from the newly formed me!- 
ecule have been found to be in better agreement with the colli- 
sion theory. 

As has been established, the activated-co:nplex theory leads to 
more satisfactory results also for reactions involving nitric oxide. 
We shall consider here the application of the theory of the activat- 
ed complex (transition-state theory) exactly to these reactions 
which may be written in a general form: 


2N0 + X_ = 2NOX 


where X is oxygen or halcen. 
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The equation for the rate constant is written in a general form 
as follows: 


# —-E*/RT 
— x RT . q 0 U / (8.492) 


k . 
HI 5 
h INOIX, 
and when the partition functions are detailed, it becomes 
(Qn * fp T) ‘i 


kT = gg’? h3 
Ry = * > > 


6 . > fy 
(2507 -h r) 
gi AB 
Mo 2 "/o 
1 8nekT Vp 11 _| 
=( h2 ) (J a/p!c) ° |] (1 _ eh */kT ) —E* [RT 
cS eR eC 


TT 802 AT TT (\ pany [ety | 


9 
G, ID 


(8.43) 


Here, as before, x is the transmission coeificient which is then 
set to unity; g* and g; are the degeneracies of the electronic I|e- 
vels in the activated complex and reactant molecules, respectively, 
and o* and o; are the corresponding symmetry numbers. In a gen- 
eral case, the activated complex has three moments of inertia, 
the product of which, /s/p/c, is included in the partition function 
of the total rotation of the complex. The complex consists of six 
atoms and must have 12 — 1 = 11! modes of vibration if no inter- 
nal rotation takes place. Glasstone, Laidler, and Eyring suggest 
that all the temperature-dependent factors be picked out in 
Eq (8.43) and those Icit be designated as G. The result is as 
lollows: 


| TT ¢ _ on hw% [kT —EX [RT 
rr a 2 
Wpa- emery 


(8.44) 


or 
3 _ 
vo TG eh ery 
° = U 
TI (1 _ enh (kT) 


Taking logarithms in the last expression and then dillerentiating 
with respect to the inverse temperature, we obtain 


3 —| 
—hv./kT 
d 7 | | (| Nil ) Ey 
——— In § kf? See FFT RR (8.46) 


TI (1 _ p-hv® kT) 


(8.45) 
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Hence, the ratio — (Ey /R) must represent the slope of the depen- 
dence of the logarithm of the expression in braces on the inverse 
temperature, 1/7. Thus, if we construct a plot of the quantity 


3 rl 
Inky +> in7+in [TO — eT og |] G- enhv*leT)~ (8.47) 


against the inverse temperature, then the slope of the resulting 


straight line must be equal to —E/R. Hence, Ef can be found 
in this way with the rate constant being deter- 


mined experimentally at several tem; eratures. a---Q---O-~ a 
Equation (8.44) also permits the following , y 

approximate consideration. As has already N N 

been said in the preceding section, in connee- Ml 


tion with the theory of unimolecular reactions, 

at moderate temperatures the powcr of  ¢ig, 8.7 The postu- 

exp(—Av/RT) is usually close to zero and, con- lated model oi the 

sequently, the entire fraction containing the activated | compre 

vibrational partition functions may be equated {Fr the oxidation ol 
. nitric oXtade 

to unity. Then we have ee aig the axis 


G -E*/RT | of internal rotat’on. 


and the pre-exponential factor is found to be strongly dependent 


on temperature (o7—*°). Therefore, if E* is equal to zero or Is 
small, then the rate constant will diminish with increasing temper- 
ature as shown for the oxidation of nitric oxide (sce Sec. 2.3). 


At not too small values of Ej, the rate constant Ai; must in- 
crease at low temperatures and diminish at high temperatures. 
It is however difficult to say whether this is the case in reatity 
since no sufficiently exact relationship has so far been established 
between the rate of termolecular reactions and temperature (see 
Table 7.6). 

In a more detailed treatment of the kinetics of any termolecilar 
reaction, say, the oxidation of nitric oxide, it is necessary to pos- 
tulate a model for the activated complex. An example of such 
a model is given in Fig. 8.7. With such a structure, one must as- 
sume the possibility of internal rotation about the axis passing 
along the O—O bond. At a first approximation, the rotation may be 
considered to be free and the partition function can be evaluated 
from formula (09.107): 

(85071 mk Ty" 
oh 


where /m is the reduced moment of inertia. It is understandable 
that in the presence of one degree of freedom of internal rotation 
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the number of vibrational degrees of freedom will diminish by 
unity and will be equal to 10. In accordance with this, the numer- 
ator of Eq. (8.43) for the rate constant will retain the product 
of ten terms expressing the vibrational partition functions of the 
activated complex, and there will appear a cofactor of the type 
(9.107) containing 7’2. Therefore, now for the activation energy 
to be determined at absolute zero from experimental data as a 
function of 1/7, a somewhat modified expression of the type (8.47) 
mttst be employed to construct a graph. Namely, 


3 _ 10 _ 
ky bin JT G—e) "43 In T—In [[ GQ = ent /#7) " (8.49) 


A complete equation for the rate constant can be written down 
by calculating the constant coefficient, using the gram-molecular 
weights and expressing the moment of inertia in g-\? mole! in 
the fcllowing form: 

To8o* (II al ey? V2 
May = 5,12 >< 1Q!5 fe Ualatc) bi 


o” {] (/;/9;) 
TI (1 __ phy kT) -EX [RI 
* il (1 — ovhiy,/kr) | ° 


iii Which &iy is expressed in cm®-mole-*-sec—!. 

ite vibration frequencies in the activated complex are unknown. 
For a rough estimation at a first approximation they may be as- 
sumed to be equal to the experimentally observed frequencies of 
the stable molecule NO, all the frequency values exceeding 
900 cm—'! being omitted for calculations in a temperature range of 
80-600 K. Taking into account the vibration, which is replaced by 
internal rotation, altogether seven frequencies of the molecule 
N,O, are left in the activated complex: 283, 380, 500, 600, 752, 
813, and 831 cm —!. All the vibrational partition functions of the 
reactant molecules are practically equal to unity. Thus, in the 
gras':ical determination of the activation energy £ as a function 
of the inverse temperature it will suffice to lay olf the values of 
the following partition function: 


ae | 


(8.50) 


i —1 
Inky; +3inT—In J] G—ew*v7 47) Ine, FACT) (8.51) 


The construction of ti:s corresponding plot (Fig. 8.8) shows that 
the activation energy of the oxidation of nitric oxide is very close 
to zero since even a very small value of £7 = 200 cal/mole 
gives a quite perceptible slope of the straight line. Thus, assuming 
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that Ey =O and all the vibrational partition functions of vie 
reactants are equal to unity and leaving only seven vibrational! 
partition functions for the activated complex, we obtain a simpli- 
fied expression for the rate constant: 


: ) 7 
5.12 10!8 gg ® (alate)? ( _ p—hvm/kT)— 


—_ sO * ; 
a” TI] (i/s) 


In this expression, the rate constant is explicitly inversely pro- 
portional to 7%, but this dependence must be eliminated by the 
increase of the vibrational par- 
tition functions with tempera- l@ kin £(T, 
ture. As a result of this, the 
rate constant may pass through 
a minimum with rise of tempe- 
rature. This is qualitatively con- 
firmed by experiment: at 627 K 
the rate constant has a minimal 
value. 2 3 

The moments of inertia of the 1000/7 
activated complex are determin- Fig. 8.8. Determination of tle acti- 


ed on the basis of the structure valion energy of the oxidation of 
shown in Fig 87 if the fol- nitric oxide according to the experi- 

. , ae oa mental rate constants and the assu- 
lowing internuclear distances med vibrational frequencies in the 


are essumed: 1.22 for N=O, activated complex 

1.32 for O—O, and 5 A for 

N---O. In calculating the moments of inertia of total rotation, the 
complex was regarded as a rigid molecute, assuming that the in- 
ternal rotation could not change the product /\/s/c significantly. 
Substituting the numerical values into Eq. (8.52) yields: 


(8.52) 


, 
i7 7 ‘\~ 
Qi= <a E || ( _ eave lhl) em": mole—'+sec—! (8.53) 
Here, obviously, g; and g* are the degeneracies of the clectronic 
levels of the initial state (i.e, of two nitrogen molecules and an 
oxvgen molecule) and the activated complex. Taking into account 
the ground state of the NO molecule (*I1) and the splitting of the 
levels g* is evaluated to be 3.1 at ordinary temperature. Tlie 
ground state of oxygen is a triplet state (°S). Therefore, Te; = 
— 3X 3.1%. The degeneracy of the electronic state of the activat- 
ed complex is provisionally assumed to be equal to the degener- 
acy for the final system 2NQ,, i.e., 4. Hence, with these assumon- 
tions, g”/Ilg; = 4/28.8 = 1/7.2. The other assumptions, say, g* == 
= 1, as in the case of N2O,, do not alter Ai, by more than one 
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order of magnitude, and a higher accuracy cannot be claimed by 
the calculation. 

The results of calculations for a number of temperatures are 
given in Table 8.3, where the observed rate constants are also 
presented. As seen, the calculated rate constants are in good 
agreement with the values found expcrimentally and this confirms 
the correctness of the basic propositions of the method and also 
the energy of activation close to zero. The decrease of the rate 
constant with rise of temperature is determined evidently by the 
presence of 7? in the denominator of the expression (8.53), but 
at high temperatures, as has already been said, the effect of the 
vibrational partition functions of the activated complex begins to 
predominate. 

Analogous calculations tor other reactions involving nitric ox- 
ide also lead to satisfactory results. 


TABI.F 8.3. The Rate Constants for the Oxidation of Nitric Oxide 


Calculated by Means of the Transition-State Theory and Obtained 
Experimentatly, E7 — 


ypu? em stole ?-sec7 | pple’. en snoles see! 

T, K a CooK 

valculated obtained ly calculated obtained bv 

Fro.n (8.53) exporitvent frovn (8.533) cxperi- ent 
80) 86.0 41.8 A13 2.2 4.0 
143 16.2 20.2 564 2.0 2.8 
228 5.3 10.1 613 2.1 2.3 
300 3.3 7.1 662 2.0 2.9 

* * 


* 


It is necessary to note that the activated-complex theory (tran- 
sition-state theory) is limited as regards the possibilities of cal- 
culation of the activation energy, though the potentialities of the 
theory in this respect are wide. This theory has made great ad- 
vances, aS compared with other theories, in the calculation of an 
important quantity contained in the rate constant—the pre-expo- 
nential factor of the Arrhenius equation. This refers to unimolec- 
ular and termolecular reactions and, especially, to bimolecular 
reactions. 

The transition-state theory is beset by some serious difliculties 
which have not been discussed here. 


CHAPTER 9 


Kinetics 
of Chain Reactions 


9.1. General Concepts 


The two basic theories of chemical kinetics that have been so 
far considered, the theory of activated collisions and the transi- 
tion-state theory, strive to solve the problem of the reaction rate 
on the basis of the concept of the clementary reaction act and to 
calculate, with the aid of statistical methods, the macroscopic ve- 
locity of a reaction consisting of numerous elementary acts. 

In order to explain the kinetics of a rather large class of di- 
verse reactions having numerous common features and extremely 
characteristic peculiarities, the concepts of the two theories are 
however insufficient. Here we mean reactions that proceed under 
the conditions of the interplay o! elementary acts, as a result of 
which their observed velocity is not the outcome of simple suim- 
mation. Among such reactions may be cited the so-called in- 
duced * and, in the first place, chain reactions. 

Chain reactions include the following classes ol reactions: 

I. The reactions of combustion and slow oxidation in the gas 
phase: 

2H». 4- Og — > 21,0 
2CO +0, —> 2CO, 
CH, + 20, —_—> CO, 4- 2H,O. ele. 


I]. The various reactions involving hydrocarbons. For instance, 
‘decomposition reactions (the explosive decomposition of acetyle- 
ne), numerous polymerization reactions, etc. 

III. Many photochemical reactions, i.e., reactions effected by 
light absorption, such as the formation of THICl, HBr, COCl, 
etc. 

IV. Finally, nuclear chain reactions, such as the decay of #°U 
or plutonium in atomic piles or in atomic bombs. 


* For induced reactions, see the articles written by S. S Vasiliev (see “Sug- 
gestions for Additional Reading” at the end of the book), where a different ap- 
proach is proposed and the Semenov treatment adopted here is: criticized. 
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Most of the reactions indicated above are characterized by cer- 
tain common features which differentiate them from other re- 
actions. 

First, it should be noted here that the rate of these reactions is 
highly sensitive to the presence of certain impurities. For exam- 
ple, a mixture of hvdrogen or carbon monoxide and oxygen reacts 
with difficulty if the gases to be mixed have been thoroughly 
dried. But the presence of walter vapour in an amount correspond- 
ing to 10-4 and 10-° mm Hg is sufficient for the reaction to pro- 

ceed with normal velocities. 


tk ef A mixture of hydrogen and 
SE chlorine does not react in the 
=f 30 dark at room temperature, 
a> but it begins to react rapid- 
S20 lv when small quantities of 
aS sodium vapour are intro- 
ee 10 duced into the reaction mix- 
Ss ture. 
SQ O If the same reaction 1s ini- 
~ 2 16 20 24 tiated photochemically, the 


lad 
-? 
-_ é 


NO, mm H . ; 
J reaction is sharply slowed 


O 58 100 i509 zo0 259 300 «=8©down by small amounts of 
C3He, mm Hg oxygen: I per cent of Os 
Fig. 9.1. The retarding effect of nitric lowers the rate ol the ine 
oxide and propylene on the initial rate "lation of hydrogen chloride 
of the cracking of n-pentane (f= 930°C, by about a thousand times. 
P = 100 mm Hg). The thermal decomposition 
of many organic compounds, 
say, ethers (dimethyl and _ diethyl ethers) and = also of 
hydrocarbons (pentane) is retarded by addition of! small 
amounts of nitric oxide. Frost and Dinzes have detected the re- 
tardation of the initial stage of the pyrolytic decomposition of 
hydrocarbons by addition of propylene. It is essential that in the 
cracking «{ :-nentane, the added amounts of nitric oxide and pro- 
pylene slow down the reaction until the same limiting velocity is 
reached: this coincidence is shown in Fig. 9.1. 

Since various impurities exert a quite characteristic retarding 
influence in the controlled chain decomposition of uranium, there 
arises the necessity of using high-purity materials, say, a neutron 
retarder, graphite. The action ‘of rate: controlling cadmium rods 
(called moderators) introduced into the reactor may also be con- 
sidered from the viewpoint ol retardation DY. linpurities. 

So, the first specific feature is the lis;1 sensitivity of the rate 
of the class of reactions under consideration to the presence of 
impurities which can either initiate and acce:crate or retard these 


reactions. 
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The rate of many gas reactions is affected by the presence of 
solid surfaces present. The reactions are most frequently slowed 
down by the walls of reaction vessels; reactions proceed more 
slowly in narrow than in wide vessels. In such cases, one speaks 
of the effect of the ratio of the surface areca of the vessel, S, to 
its volume, V, on the rate of the reaction. In accordance with 
what has been said above, ordi- 


narily gaseous reactions of the 10 000 Fombustion 
type in question are retarded 
by increasing the ratio S/V. 3.000 | — 
This ratio can be changed in 2000|— 
practice by introducing, into the 1000 EEA 
vessel, fragments of the vesscl No combustion 
material—glass, quartz,  por- 

. , 300 
celain. If the reaction in the 200 


aap 
vessel filled by such fragments ®& ft td. Eva 
(the ratio S/V is greater) pro- Bilipea aan 


ceeds more slowly, this is an 


{00 
S 
‘= 

Q! JO 


indication, though not unambi- opp + tye i ft tf tt 
guous, that it belongs to i SAT ITP 
the category of chain reac- art | 
tions. } Combustion 

In oxidation reactions in the SINE 
gas phase, the fast reaction, the | Papa | 
spontaneous combustion, is of- 400 440 480 520 560 


ten accomplished only within 
definite limits of pressure and 
temperature. The graphical rep- Fig. 9.2. The combustion peninsula 


Temperature, C 


resentation of the relations for the oxidation of hydrogen 

c | The three combustion limits: J—lower lint; 
thus observed . IS called the {f{/—upper limit; ///—the third or the.tnal 
combustion peninsula (or the limit. 


ignition peninsula). Figure 9.2 

epives data on the oxidation of hydrogen. By the way, a similar 
picture is observed in other cases too, say, in the oxidation of 
phosphorus, hydrogen sulphide, phosphine, silane and carbon mo- 
noxide vapours. 

The ignition of oxyhydrogen gas occurs only under the condi- 
tions corresponding to the points within the boundaries of the 
combustion peninsula. Beyond ithe boundaries of the peninsula, no 
combustion takes place: the reaction proceeds slowly or does not 
occur at all. Starting from point A (Fig. 9.2), the combustion oi 
the mixture can be induced by heating it (the arrow pointing to 
the right) until a state corresponding to points inside the penin- 
Sula is attained. More surprising and paradoxical at first sight 
was the fact that the combustion can he induced by lowering the 
pressure of the mixture (the arrow directed downward). True, 
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the subsequent decrease of the pressure will lead to the intersec- 
tion of the representative point of the lower limit (/ in Fig. 9.2) 
and to the emergence of the system from the combustion region. 

Properly speaking, the existence of the lower combustion limit 
was first detected for another system—phosphorus vapour and 
oxygen. The very first observations were made by the French 
scientist Joubert in 1874, but they were forgotten. In the period 
1926-1927 the Soviet scientists Semenov, Khariton, Val'ta, and 
Shalnikov found that if the oxygen pressure is lower than a cer- 
tain minimal value, the phosphorus vapour does not burn, and 
even the traces of the reaction cannot be detected. But as soon 
as the oxygen pressure limit is exceeded, combustion takes place. 
This phenomenon seemed so surprising that one of the most emi- 
nent specialists in the field of chemical kinetics, Bodenstein, sus- 
pected an experimental error and stated that the data obtained 
were in discord with the foundations of science. The data were, 
however, confirmed and, as was found later, they contradicted not 
the scientific foundations but the old conceptions. The other facts 
were also thought to be surprising. Thus, it turned out that the 
minimum oxygen pressure required for combustion was further 
decreased when an inert gas was added to the oxyhydrogen gas. 
Thus, the added amounts of argon increased, as it were, the reac- 
tivity of oxygen. The minimal oxygen pressure also decreased 
with increasing dimensions of the reaction vessel. 

Later, when studying the hydrogen-oxygen system, Hinshel- 
wood discovered the existence of the upper combustion limit (//, 
Fig. 9.2). The contours of the peninsula were finally delineated 
and similar phenomena were established for a large number of 
other cases of oxidation reactions. 

It is also characteristic that in the sell-ignition region the 
fast reaction starts not instantly, as a rule, but upon the lapse of 
a certain time interval called the induction period *, the length of 
which for the oxidation of hydrogen is tenths of a second. 

All the specific features of the class of reactions in question 
are accounted for by the theory of chain reactions, an impetus to 
the development of which was given in 1913 when Bodenstein in- 
troduced the concept of the chain reaction. 

A distinction is mainly made between two types of chain reac- 
tion: linear (non-branching) and branching chain reactions (or 
branched chain reactions). An cxample of a linear chain reaction 
is the formation of hydrogen chloride from hydrogen and chlorine: 


H,-+ Cl, —> 2HC! 
The term induction period has already been encountered in the text in con- 


nection with consecutive reactions. It is also used in describing the autocata- 
lysis phenomena. 
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It will be more graphic if we demonstrate the phenomena that 
arise here by reference to the photochemical method of initiating 
this process. As known, a mixture of hydrogen and chlorine does 
not practically react in the dark at room temperature and ex- 
plodes upon illumination. 

In photochemistry (for more detail, see Chapter 10) there is 
known the law of photochemical equivalence which states: When 
one quantum of light energy is absorbed by the reacting system, 
one (and only one) molecule undergoes primary change. 

Further, the main characteristic of a photochemical reaction is 
the total quantum yield y given by the relation 


number of molecules reacted 
number of quanta ahsorbed 


If it is assumed that to the primary change of the molecule, which 
was meant in the Einstein law, there may correspond its chemical 
conversion, then the total quantum yield cannot be greater than 
unity. It has however been found in practice that the quantum 
yields of this reaction are very great; under favourable conditions 
they reach the value 10°. To reconcile this result with the undoubt- 
edly correct Einstein law, Nernst suggested the following mechia- 
nism of the material * chain: 


Cl, —> CI+4Cl 


This reaction of dissociation of chlorine molecules into free atoms 
which are known to possess enhanced reactivity is the process of 
chain initiation. Generally speaking, it can be effected in various 
wavs. For example, upon absorption of light: 


Cl,h+ hy — CI+4+Cl 
It can also be accomplished thermally, upon collision, say, of two 
chlorine molecules: 
Here the arrow above the chlorine molecule signifies an enhanced 
energy content consumed for dissociation. 
The chain can also be initiated by chemical means, upon in- 


teraction, say, with a sodium atom, when its vapour is intro- 


duced: 
Cle + Na — > NacCl-+ Cl 


The process of chain initiation is followed by the chain itsel!: 


Cl +H, — HCI+H 


hain st I and II 
H4Ch -» Hcl+c } chain steps I an 


* The chain meant by Bodenstein is an energy chain. 
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The first of the elementary reactions written above gives rise to 
a free hydrogen atom which readily enters into reaction with a 
chlorine molecule. The second elementary reaction leads to the 
regeneration of the chlorine which starts off the next chain step 
(the chlorine and hydrogen atoms in all these reactions are chain 
centres): 

Ci +H, — HCI+H 


H+Cl, —» HCI+ Cl } chain steps ITT and IV 


and so on. 

As a result, there is created a “chain” of reactions (propaga- 
tion reactions), which under favourable conditions, for example, 
in the absence of oxygen, may involve many thousands of indivi- 
dual chain steps. Thus, per one primarily activated (say, under 
the action of light) molecule there are formed not two molecules 
of HCl, as was the case with an ordinary bimolecular mechanism, 
but hundreds of thousands. The following is characteristic of the 
reaction chain indicated: in a chain step, per one active particle, 
H or Cl, that enters into reaction there appears another reactive 
particle. It is such reaction chains that are called linear or non- 
branching. 

Apart from the chain initiation and propagation reactions given 
above, the following processes may also occur in the reacting 
system: 

H+H+M —> H+o++M 
H+H+S —>» H,4+S 
Cl+ Cl+M(S) — Cl.+ M(S) 
H-+-Cl+M(S) —» HCI+ M(S) 


where M and S denote a third particle or the wall of the reaction 
vessel (these are collectively termed a third body). These reactions 
remove the activated particles from the system, as a result of 
which the chain ceases to grow and is “broken” or, as is usually 
said, the chain is terminated; such reactions are known as chain 
termination reactions. 

The number of steps in a reaction chain is called its length. 
Generally speaking, when the reaction procceds, say, the for- 
mation of hydrogen chloride, in the system there are developed 
chains of the various lengths, from very short to very long. None- 
theless, under given conditions, the reaction may be character- 
ized by the average chain length v which depends on a very lar- 
oe number of factors: temperature, pressure, impurities, the shape 
of the reaction vessel and the condition of its walls, etc. It is 
the average chain length which is evidently determined by exper- 
iment. The most straightforward method of measuring the chain 
length of a photcchemical reaction is the determination of the 
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quantum yield y, which at a first approximation is equal to v. In 
thermal reactions, say, in the decomposition of organic com- 
pounds, the chain length can be evaluated by the method of 
reaction inhibition by traces of other substances which are usual- 
ly referred to as inhibitors or retarders (NO). 

We shall present here, as an example, the data obtained by 
Gibbs on the inhibition of the thermal decomposition of the die- 
thyl ether vapour by nitric oxide 
at 504°C. Table 9.1 lists data re- ,._.W:We 
ferring to the initial pressure of Wo ~ Woe 
the ether, 200 mm He. 

As seen from Table 9.1, the 
rate of the reaction is rather sharp- 
ly diminished with = increasing 
amount of nitric oxide added and 
at pro = 1.12 mm H¢g@ the ratio * 
Wo/w = 3.0. As the concentration 
of nitric oxide increases further 
the rate tends to a constant value 
(Wo). Since, according to the 
Hinshelwood interpretation, the re- 
tardation is associated with the 
suppression of the chain reaction, 
and the limiting velocity wo cor- 0.8 10 
responds to the development of Pua? mm Hg 
the reaction in the absence ol 
chains, the ratio wo/wo may be Fig. 9.3. The degree of inhibi- 
equated to the chain length of {lon (4) of, the thermal decompo 
the uninhibited reaction. In this pressure of nitric oxide. f= 504°C. 
particular case, the chains are The initial pressure of ether: /—8Sl; 
rather short, v = 4.5. It is essen- 2-103; 3—200; 4—400 mm Hg ‘alter 
tial that in the decomposition of JE. Hobbs). 
ethers (diethyl ether and others) 
the average chain length is independent of the ether pressure. 
This is evidenced by the plot in Fig. 9.3 which shows that the de- 
gree of inhibition 


W—- Wo 
Wo —- Wo 


A= 


is independent of the ether pressure. 

In the interpretation of the results it is assumed that the pro- 
cess of removal of the chain-propagating radical by nitric oxide 
competes with another, chain-terminating reaction which is prac- 


* Here the following notation is adopted: wo is the rate in absence of nitric 
oxide; w is the rate in the presence of a given amount of nitric oxide; and «x 
is the rate of the completely inhibited reaction. 
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TABLE 9.1. Inhibition of the Thermal Decomposition of Dietnyi Lt... 
by Nitric Oxide. The Ether Pressure is 200 mm Hg, t = 504°C 


—— 


Reaction Reaction . 
Noo cam ne NOr tm HET pumesgem ten? imbibition A* NOW wm He Vy geet ay nimbtion A* 1p hibition % * NOvoun Ae vince! 1y3 inhititeea oA * 
0.000 68.8 1.000 0.409 23.6 0.146 
0.040 41.4 0.488 0.582 20.6 0.088 
0.121 37.6 0.415 0.765 17.4 0.027 
0.202 29.8 0.215 1.120 19.6 0.061 
00 I6 0.000 


A= (W— Woo) /(My— Woo). 


tically independent of the ether concentration. No chain termi- 
nation occurs at the walls since the increase of the ratio S/V (the 
experiment with the “filled” vessel) has no substantial influence 
on the reaction velocity. Therefore, the reaction leading to the 
termination of the chain is a unimolecular dissociation of the 
active radical. The supposed mechanism of the chain reaction 
consists of the following steps: 


(1) C,H;0C,H; = CH; + CH,OC 2H; 

A IR S 
(2) CH, + C,H;O0CLH; = C,Hs + CH,OC2H; 
(3) CH,OC,Hs 
(4) CH, + CH,OC: 
(5) NO-+ CH,OC.H; = product 


Using the steady-state method (see Sec. 3.6), we can write 


d {R] 
dt 


=k, [A] + 23 [S] — ko [RJ] [A] — &s [S] [R] =0 CHT) 


and 
d [S| 


ap RV LAL + be [RITA] — &s [S] — Re FRIES] — &s[S] [NO] = 


From these steady-state conditions we have 


= Roks [NO] + {(keoks [NO] )’ + 8hoki (Riks INO] + 2h yea}? 


92 
tk ah, (2) 


[R] = 


As has already been noted, apart from a chain reaction, there 
also takes place the unpoisoned process of decomposilion, per- 
haps also at the wall of the reaction vessel. We shall denote the 
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rate of this reaction by kf (A). The overall rate of the reaction 
w= Rf (A) + ko [R] [A] 


where the second term on the right-hand side is the rate of the 
poisoned chain reaction. Or, substituting [R] from Eq. (9.2), 


w = k’f (A) + ai [{(eaks [NO] )? + 8hoky (Riks [NO] + 2k1k3)}'? — kis [NO]] 
(9.3) 

If no nitric oxide is present and [NO] = 0, then 
Wo = k’f (A) + 4 SEIEL (16k kak h)" (9.4) 


Thus, the rate of the uninhibited chain reaction is first order 
with respect to the concentration (pressure) of the ether according 
to experiment. If the pressure of nitric oxide is high, the reaction 
rate is equal to the limiting value corresponding completely to 
the inhibited process: 

Woo = R'} (A) 9°) 


From relations (9.3), (9.4), and (9.5) it is easy to find the so- 
called degree of inhibition: 


WW __ {(Roks [NO] )? + 8hok; (Riks [NO] + 2k ky)}? — Aik [NO] _ 
Wy) — We 4 (Ry Rokk;)? 
= {(a [NO] )? + B [NO] + 1}? — a[NO] (9.6) 


where a == kok./A(Ri RoR3k4)'” and B= k./2R:3. 

Hence, according to experiment, the degree or amount of inhi- 
bition A does not depend on the ether concentration (Fig. 9.3). 
The experimental data are well described by a theoretical curve 
calculated from the simplified formula: 


A= {(a[NO])'2 + 1} —a[NO] (9.7) 


since the term B [NO] is small. 

From Eqs. (9.4) and (9.5) we can also calculate the average 
chain length: | 

wo _ RF (A) + [A] (Rikoksks)” 
rr Cs ine 

Since, according to experiment, k’{(A) is proportional to [A], it 
turns out that v is independent of the ether concentration. 

Analogous investigations have been carried out also on the 
inhibition of the thermal decomposition of hydrocarbons by nitric 
oxide, in particular, of ethane. Essentially different results have 
been obtained: the most important difference is due to the fact 
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that for hydrocarbons the chain length depends on the concentra- 
tion (pressure) of decomposed hydrocarbons. Below are given 
some data for ethane, which have been obtained at 600 °C: 


Pressure of ethane, min Average chain length 
O7 9.8 
100 6.9 
300 5.9 
454 4.1 


As seen, in this case the chain length decreases with increasing 
concentration (pressure) of the reagent and it does so approximate- 
ly in proportion to [CoHg]”. The difference in behaviour between 
hydrocarbons and ethers is accounted for by the different functions 
of nitric oxide in the chain termination processes. In the first case, 
NO removes a radical of type R, which propagates the chain, 
whereas in the second case a radical of type S is removed, which 
itself does not propagate the chain but gives rise to a chain car- 
rier (also called a chain propagator) when it is decomposed. 

On the basis of the chain mechanism described here we can 
ascertain many of the specific features of the class of reactions 
under discussion, for example, the influence of the substances ad- 
ded. It is clear that a small amount of added substances contri- 
buting to the initiation of a chain, say, sodium vapour in a mix- 
ture of hydrogen and chlorine, can produce a very great effect 
Since per each atom of the added substance after the step 


Cle+Na —> NaCl+ Cl 


there can react, on an average, up to hundreds of thousands of 
hydrogen and chlorine molecules. 

The action of inhibitors may be as strong. The molecule of an 
inhibitor, say, of oxygen, in the reaction between hydrogen and 
chlorine, captures the hydrogen atom 


H+0O,.+M — HO,+M 


and, having formed the slightly active radical HO», can terminate 
the chain at the very beginning and thus reduce the amount of 
reaction products also by a hundred thousand times. 

Owing to this mechanism, we can also explain the retardation 
of the reaction when the ratio of the surface to the volume of the 
vessel increases. It is known that reactions of the type of the 
recombination of hydrogen atoms do not practically proceed by 
the bimolecular mechanism but are accomplished by a triple colli- 
sion or at the wall of the vessel. The activated particles, diffusing 
to the wall, are destroyed on it and the chains are terminated: 
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The role of the walls of the reaction vessel must especially in- 
crease at low pressures of the reacting gases when the diffusion of 
the activated particles to the walls is facilitated due to the de- 
crease of the number of collisions. This is supported by experiment. 
That the effect of the walls is reduced with increasing size of the 
vessel (the decrease of the ratio S/V) is thought to be natural— 
it is precisely this factor that is responsible for the decrease of 
the minimum required oxygen pressure in the combustion of 
phosphorus vapour mentioned above. Addition of an inert gas 
which does not directly participate in the reaction (He, Ar, Ne) 
but which prevents the diffusion of the activated particles to the 
walls must also impede the chain termination on the walls. We 
have earlier mentioned the decrease of the minimum oxygen pres- 
sure on addition of argon to a mixture of phosphorus vapour and 
oxygen. 

At high pressures of the gas in the reacting system the diffu- 
sion to the walls is hindered and the chain termination on the 
walls does not play a significant part. But the increase of the 
pressure enhances the role of triple (three-body) collisions in the 
bulk, which also lead to the destruction of the activated particles 
and to a chain termination. To this category belong processes of 
the type 

H+H+M —> H+M 


that is, the recombination of atoms and simple radicals and also 
the above-mentioned formation of the radical HO g. In fact, with 
the aid of formulas (6.27) and (6.48), it can be shown how the 
ratio of ternary to binary collisions increases with increasing pres- 
sure: 


o, mm Hg 3/23 
0.2 10~° 

y) 10-” 

90 107! 

200 107° 
2000 107° 


If at a pressure of 0.2 mm Hg there is one three-body collision 
per one million two-body collisions, then at 2000 mm Hg there 
will be one three-body collision per only 100 two-body collisions. 
The ratio Z3/Z2, aS can easily be seen, increases in proportion to 
the gas pressure. Therefore, as the pressure increases the role of 
three-body collisions in chain termination is enhanced. 

It is precisely the chain termination on the walls and in the 
bulk that accounts for the existence of the combustion limits (/ 
and //) and of the entire ignition peninsula similar to that shown 
in Fig. 9.2. In this case, however, both the limits and the penin- 
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sula refer to chain reactions of a different type, namely, to branch- 
ing chains characteristic of self-accelerating oxidation reactions. 
In the case of the formation of HCl, as has already been men- 
tioned, during the chain propagation processes, for one particle 
entering into reaction there is formed also one particle of a dif- 
lcrent species: 


EE EE 


lc1}+4H, —>» Hc1+/H] 


A different situation arises during the chain propagation in explo- 
sive reactions. For instance, in the oxidation of hydrogen—the 
reaction of oxyhydrogen gas—the following sequence of elemen- 
tary processes is thought to be quite substantiated *: 


(0’) H». -+- O2 —>» 20H 
N 


H+ HO, 


(07) Ho+M — H+H+4M ”) 
(O°) Og +O, — O,+0 

(1) OH} + H, —> H:.O+H 

(2) H+ QO, — OH+0O (II) 
(3) O+TIl — OH+H 

(4) 2H + wall — > H.+ wall 

(5) Ol! + H+ wall —~> H,O0-+4+ wall (IIT) 
(6) H+0,+M — > HO,.+M 


The first group of elementary reactions are rare processes of 
chain initiation, the formation of activated particles—free atoms 
[! and O or the radical OH. The second group includes chain 
propagation and branching processes. In reactions 2 and 3, in- 
stead of one atom entering into reaction, there appear two activat- 
ed particles, one of which can continue the chain and the other 
can start off a new chain. This is what we call chain branching. 
lf it takes place frequently, then even one initially created chain 
can bring about the development of many chains. In the limiting 
case, it may be thought that branching cccurs in each step and 
then one speaks of an entirely branching-chain reaction. In other 
cases, branching can occur less frequently. When branching takes 
place frequently, the development of a chemical reaction may be- 
come avalanche-like; such a process is depicted schematically in 
Fig. 9.4. In this case, the rate of the reaction, even with an origi- 
nally small number of activated particles or of primary chains, 
may rapidly increase and the process will end with ignition or 
explosion. This is what exactly happens inside the combustion 


* Though this mechanism was given at the beginning of the book, the 
author thinks it expedient to cite it here again. 
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region (see Fig. 9.2). The lower and upper combustion limits can 
be qualitatively explained as follows. At pressures lower than 
those corresponding to the lower limit, activated particles readily 
diffuse to the walls of the vessel, where they are destroyed. The 
chain termination on the walls predominates over the branching 
and no fast reaction is developed. As the pressure increases the 
diffusion to the walls becomes more and more strongly hindered, 
and the number of two-body collisions of types 2 and 3 (page 254), 
which lead to chain branching, increases. At pressures exceeding 
a certain crifical value (the lower limit /) the chain initiation and 
branching begin to predominate over the termination. As a re- 
sult, the reaction self-accelerates and may end up with combustion 
or explosion. It is believed that 

exactly this phenomenon occurs 

inside the combustion peninsula. 

As the pressure increases fur- Primary 
ther due to the increasing role of chain 
three-body collisions, chain termi- 
nation processes in the bulk be- 
come more and more significant. 

In the oxidation of hydrogen, an 

important part is played by reac- Fig i. Ihe avatanche-like de- 
tion 6 leading to the formation of velopinent of a chain reaction. 
the slightly activated radical HQs. 

If the pressure exceeds the value corresponding to the upper 
limit (// in Fig. 9.2), chain termination predominates over chain 
propagation and the possibility of a fast reaction being developed 
disappears. 

The induction period that precedes the ignition of the coim- 
bustible mixture inside the peninsula is accounted for by the 
theory of branching-chain reactions as follows. First, the number 
of chains may be very small and the reaction procceds slowly 
because of the insufficient sensitivity of the analytical methods. 
But, upon the lapse of a certain period of time, fing, the number 
of chains increases enormously because of the avalanche-like pro- 
pagalion mentioned above, which is followed by combustion or 
explosion. Theory gives the following relationship between re- 
action velocity and time for this case: 


w= A (el? — 1) (9.9) 


in which A and @ are constants characterizing the reaction and 
dependent on a number of conditions, and f¢ is the time. Graphi- 
cally, the function (9.9) is presented in Fig. 9.5. When analysing 
this figure it should be kept in mind that in the derivation of w = 
m= /(t) the decrease of the concentration of starting substances 
due to combustion has not been taken into account, and therefore 
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no physical significance should be ascribed to the tendency of the 
reaction rate to increase to infinity with time. The reaction vclo- 
city becomes very great but not infinite. We may also note some 
uncertainty of the concept of the induction period which may 
formally be defined as the time during which the rate of the reac- 
{ion increases by a factor of e times; the experimental determina- 
lion of the duration of the induction period, fing, actually depends 

on the sensitivity of the instrument, say, 
w of the membrane manometer and the re- 
| corder connected to it. 

Thus, the chain mechanism can account 
for many specific features of the class of 
reactions under discussion. ite cevelop- 
ment of the theory of branching-chein rere- 
tions has been largely due to the Seme- 
nov school and the English school of Hin- 


) shelwood. This theory played a very impor- 


bind tant part at a later time in the acco:n- 

Time plishment of the chain decomposition of 

| . uranium and other radioactive elements. 
Fig. 9.5 The time depen- Figure 9.2 also gives the third combus- 


de f th { t . a . . . 
branching-chain. © ° _ tion limit which lies in the region of hign- 


action inside the com- er pressures. In most cases, the existence 

bustion peninsula. of this third: limit is evidently associat- 

ed with the occurrence of a thermal ex- 

plosion, though the possibility of a chain combustion is not ex- 
cluded under certain conditions at high pressures. 


9.2. Elementary Probability Theory of Chain Reactions 


In general, two variants of the theory of chain reactions are 
meant here: a rigorous theory based on the solution of simulta- 
neous differential equations, and the other, less rigorous, though 
incomparably more spectacular, probability theory. In this sec- 
tion we shall be concerned with the discussion of the second 
Variant. 

We have already introduced the concept of the average chain 
length v. It will be recalled that v is the average number of ele- 
mentary reactions induced by one active particle (an atom or ra- 
dical) generated originally by some independent means, say, pho- 
tochemically. Let the number of such particles generated indepen- 
dently per unit time in unit volume be no. Obviously, no may be 
called the rate of chain initiation. 

The inverse quantity will be called the probability of chain ter- 
mination 6. This interrelation can be explained with the aid of a 
schematic representation of the development of a chain reaction 
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in time, such as that shown in Fig. 9.6. The dots signity the 
appearance and regeneration of an active particle, and the cross 
denotes the destruction of a particle in any chain step, i.e., its 
termination. The probability of chain termination is defined as 
the ratio of the number of favourable events to their total number. 
In the case under consideration, for one favourable contributing 
event, the termination, there are altogether v events. Hence, the 
probability of termina- 
tion * 


I 
P ay (9.10) V chain steps 

We shall further assume (a) 
the possibility of a chain 
propagation step—the ap- 9» ~» 
pearance in any chain 
step of two or more par- 
ticles instead of one active (h} 
particle propagating the Fig. 9.6. Schematic representation of the 
chain. In an analogous reaction clain: 
manner, We Shall define the (a)—non-branched chain; (6)—brane!d chain. 


probability of chain propa- 

gation 6. We introduce some other definitions and designations. Let 
t denote the time during which there occurs, on an average, one 
chain step. Thus, the product vt will define the average time of 
chain development from the moment of initiation to chain termi- 
nation. The concentration of active particles, i.e, the number of 
activated particles contained in unit volume will be n. The rate 
of change of the concentration of particles will evidently be 
expressed by the difference in the rate.of their formation and dis- 
appearance. Let us dwell in some detail on the rate of disappear- 
ance. If the chain length is v = 1], te, there are, properly speak- 
ing, no chains, the particle is destroyed in each chain step. 
Then, during the time t, which has been defined as the time of de- 
velopment of one chain step, there will react all n particles 
present, and the rate of disappearance will be equal to 


n , 
= particles/cm®? - sec 


But if the chains are developing and their average length is 
equal to v, the particle will be regenerated, on an average, v 
times and will be destroyed only after the time yt is elapsed. 
Hence, the rate of decrease of the concentration of particles will 


now be expressed by the relation 
fl ft 


— =: B — 


VT Tt 


* Strictly speaking, 1/(v—1) but it must be assumed that v > 1. 


9—%4 
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Further we shall take into account the possibility of a branching 
process, i.e., let 6 be greater than zero. The effect of branching 
may be approximately taken into consideration by assuming that 
it operates as if in the direction opposite to the termination or, in 
other words, it lengthens the chains and reduces the probability 
of termination to B — 6. Thus, the rate of change of the concentra- 
tion of activated particles, w, may be finally written as follows: 


A =n — (B84 (9.11) 
Separating the variables and integrating by parts on condition 
that at the start of the reaction t=O and n=O, we obtain the 


time dependence of n: 
TH fo 
"= 5x9 (; —e O12) 


Now we can determine the reaction velocity, ie, let us say, the 
rate of increase of the concentration of product molecules. Since 
in one chain step, i.e., during time t, there will appear one mole- 
cule, the total number of molecules formed in unit volume per 
unit time will be n/t. Thus, the rate of reaction will be expressed 
by the relation 

) ous 


This is exactly the basic equation of the variant of chain theory 
under discussion; several cases should be considered in the ana- 
lysis of this variant. In the simplest case, it may be assumed that 
no branching is involved} i.e, 6—=0O. Then, evidently, relation 
(9.13) will become: 


noon ( -f> 
— 9 _ tt 
aa B—6 l—e 


Ga) 
w=—=vin\l—e * (9.14) 


As shown in Fig. 9.7, the reaction rate must increase from the 
start of the reaction and reach a limiting value equal to vio = 
= /o/B. In other words, in this case the system must attain 
a steady state in which the rate is constant. This steady-state rate, 
due to the presence of chains, is v times greater than the rate 
of initiation of reaction acts, mo, i.e., the reaction rate in the 
absence of chains (v= 1). 

In another, intermediate case, suppose we have the finite pro- 
bability of branching but its numerical value is lower than the 
probability of termination, i... 0 << 6 < fp. This ratio of probabi- 
lities also leads to the attainment of a steady-state rate, which 
will be greater than in the first case, namely, no/(fp — 6). In all 
this reasoning, it should be remembered that here we are concerned 
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en Se ® oe ee ee, eee 0 


with the idealized conditions of the development ol the reac- 
tion—the concentrations of reactants are kept constant and the 
reaction products are removed from the reaction zone. As a matter 
of fact, when the reaction is conducted, for example, in a closed 
vessel, the rate will pass through a maximum due to the “burning- 
off” of the reactants; this is shown in Fig. 9.7 by dotted lines. 
Here, it may even happen so that the stationary-state value will 
not be reached at all: the max- 
imum rate will be lower than 
the steady-state rate. 

An entirely different picture 
will obtain if the probability of 
a branching process is found 
to be greater than the probabi- 
lity of termination, t.e., 6 > B. 
Then, formula (9.13) may be 
rewritten thus: 


Time 
4528 | 
wy = (. t _ ) — Fig. 9.7. The time dependence of the 
6—f rate of a chain reaction: 


— Gf _o 1) ~ Ae? (9 f{—no chain branching; 2—probability of 
A (e 1) Ae ( 15) branching is lower than the probability of 

. termination (Q<8< 6); 38—probability of 
where A and ( are positive branching is greater than the probability of 


constants. Formula (9.15) coin- termination (0 > B). 
cides with formula (9.9). The 
presence in it of a_ positive power function of time 
indicates the possibility of infinite acceleration of the reaction, 
i.e., the development of chain combustion or explosion. As has 
already been said, one should not look for a disagreement 
between the real process and the formal tendency of the reaction 
velocity toward infinity in relations (9.9) and (9.15). Taking 
account of the changing conditions and, in the first place, of the 
combustion of the reactants would have shown a very great but 
not infinite velocity. Perhaps, it would be superfluous to remind 
that within the boundaries of the combustion peninsula there are 
just realized conditions when 6 > B, and outside the peninsula 
the conditions correspond to the inequality 6B > 6. Thus, the 
theory of branching-chain reactions accounts quantitatively for 
the existence of the lower and upper combustion limits. 

Equation (9.13) is sometimes * written in a somewhat different 
form, introducing the notations (B — 6)/1 = g—/f/ and |l/t =a: 


ig —(g—f) t 
w= —— (l|—e (9.16) 
g—! ( ) 


* Semenov, N. N., Some Problems in Chemical Kinetics and Reactivity, Priu- 
ceton University Press, Princeton, N. J., 1958 


Q* 
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Here the factor a, equal to the reciprocal value of the average 
time of occurrence of one chain step, characterizes probably the 
rate of chain propagation. The quantities g and f, which have the 
dimensions inverse to time, remain, under given conditions, to be 
proportional to the probabilities of the termination proper and 
branching of the chain, respectively. If {= g, then, as can easily 
be seen. the rate of the reaction will be proportional to time 

after the indeterminate form is 


W/wWo evaluated, 

B a ‘Q 5 Ww = anol (9.17) 
7 at and the process ceases to be stea- 
6 dy-state, though at small no the 
5 O increase may be slow and will not 
vas “0. lead to combustion. At f>g 
@B} Eq. (9.16) turns into an analog of 
PA 73 relation (9.15). Namely, 

{ ° 

oN ff 38 & Sat w= (Pf 1) 9.18) 


Fig. 9.8. The dependence of the > | . 
apparent chain length v= w/w For the purpose of graphical illus 


on the dimensionless coordinate tration of the effect of the differ- 

at= t/t at various ratios of ence f —g, we take into account 

(f—g)/a=x_ (after Nalbandyan that in the absence of chains the 

and Voevodsky). reaction velocity is equal to ng = 

= Wo, 1.e., to the rate of generation 

of active particles, therefore the ratio w/wpo = w/o may be re- 

garded as the average chain length, or better, the apparent chain 

length with all chain branchings being taken into consideration. 

If we introduce the notation (f — g)/a = x, then expression (9.18) 
wiil be represented in the form 


w 1 ; xat 

v= T= le — 1) (9.19) 
In Fig. 9.8 the dependence of the ratio w/Wo is represented in the 
form of a function of a dimensionless coordinate at (with respect 
to time) at different values of x, which is proportional to the dif- 
ference between the probabilities of chain branching and ftermi- 
nation. At x =O the ratio w/wp increases in accordance with 
Eq. (9.17) in proportion to time. With negative values of x the 
apparent chain length reaches a limit which is the lower the more 
negative the value of x. Finally, at x >0 the apparent chain 
length in the absence of burning-off would increase without limit, 
and if x is sufficiently large, the acceleration of the reaction caused 
by it will end up with combustion or explosion. Figure 9.8, in 
fact, repeats Fig. 9.7, but it provides a clearer picture of the 
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increase of the apparent chain length with time as the cause of 
combustion. This is exactly the chain combustion or explosion. 

It is interesting, using numerical examples, to trace out the 
effect of various factors on reaction velocity or, more exactly, on 
the amount of substance reacted. If we compute the latter from the 
formula 


t 
0 
the result will be 
. any) 
atj~—g <0 — ————__f 9,21 
[—8 y=T ae (9.21) 
atf —g=0 y= P (9,22) 
_ _ Ahly (f—g) t __ _ Qilo 9 
atf -g>0 y To [e 1] a: (9.23) 


If the amount mo of active particles generated independently 
per | sec in 1 cm® is very small, then at f — g <0 the rate of 
the steady-state reaction will also be very slow. But if f/—g > 0 
and a==1/t is very large, then even if mo =1 (only one active 
particle is formed per second in | cm’), then the rate may in- 
crease up to very large values. Suppose that f/ is large and is equal, 
for example, to 500, and at the same time let np be equal to 10. 
As regards [ — g, let it vary from —5 to +5, which makes up 
+] per cent (with respect to 500) of the variation in both direc- 
tions from the condition /— g =O. To simplify the calculations, 
we also put / =a, i.e., we assume that branching occurs in each 
chain step (a completely branched chain; 6 = 1). Then, at —g = 
== —5 the steady-state rate will be equal to a negligible value: 


an, 5 10? & 10 
y= ——_— = oxwxt = 10° molecules > cm=—3:-sec—! 


Since even at a pressure of 0.01 mm Hg in | cm? there are con- 
tained more than 10'* molecules, the rate will be found to be prac- 
tically non-observable. 

A slight change in the conditions, say, an increase in the pres- 
sure, when {/— g =-+9, leads to an entirely different situation. 
Thus, according to formula (9.16) the rate is equal to 


w we ——2 lf-#) t — 1 Q3¢%F 
[—8 
and by time f= 5 sec it reaches a very large value of about 10!‘ 


molecules-sec—!. It is interesting that by the fourth second the 
amount of substance reacted will be still small. Indeed, by for- 
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mula (9.23) (the second term being omitted) 
Tho _ 5 & 10? & 10 
y= eel g)t a e5! 97 10° ~ 10!! molecules 
In other words, by the fourth second there will have reacted alto- 
gether only 0.1 per cent of the substance (p =0.01 mm). By the 
htth second there will have reacted 


y=2X 10° >< e> — 9 >< 10° 4 1910-83 1.35 x< 10! molecules 


which makes about 14 per cent of the original amount of reactant. 
Then, the exponential function increases so rapidly that by time 

= 0.30 sec there will have reacted 80 per cent. Thus, in fact, the 
reaction starts and is complete in less than one second and will 
look like combustion. 

Thus, the existence of the two combustion limits, the lower and 
the upper limit, is ascribed by the chain theory to the competition 
between termination and branching, the probabilities of which are 
differently dependent on the conditions. More detailed theories of 
these limits have also been developed, which permit quantitative 
calculations. 

We have repeatedly mentioned above the third combustion lim- 
it sometimes referred to as the thermal limit (Fig. 9.2). It is 
believed that this limit is largely of thermal nature. 


9.3. Thermal Combustion (or Explosion) 


The processes of self-ignition of combustible mixtures, which 
have been considered above and which are caused by the rapid 
development of branching chains, may be called isothermal since 
they can develop at constant temperature. 

Combustion or explosion may however be caused by the self- 
heating of the reacting mixture, independently of the reaction me- 
chanism. The reaction rate increases with rise of temperature by 
an exponential law and the rate of heat removal is slower. And 
if in an exothermic reaction the heat is not removed from the 
reaction zone at a sufficient velocity, the reaction mixture will 
begin to seli-heat and the reaction will be accelerated faster and 
faster. As a result, combustion or explosion can occur. In such 
cases one speaks olf thermal combustion. 

To establish the conditions of thermal combustion it is evident- 
ly necessary to consider the thermal balance of the unit volume 
of the reacting system. Following Semenov’s treatment, we shall 
do this, using, as an example, the general bimolecular reaction 


A+B — C+D+Q cal/mole 


Here, the heat evolved is considered to be positive in accordance 
with the thermochemical notations. We shall write the reaction 
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rate according to the elementary collision theory: 

w = Z,)[A] [B] e—F/RT (mole -cm7>+ sec!) (9.24) 
Taking into account the reaction equation, we may represent the 
rate of heat evolution, g;, in the following form: 

= Qw = QZ, [A] [B] e—E/RT (cal-cm7?- sec!) 
Nees for the binary mixture the mole fractions Na and 


— | — Na, we express the concentrations of the reacting sub- 
stances in terms of the total pressure P: 


_QZo | 


"n= TRI Na(l—Na) Pe e~EIRT DN, (1 —Na) Pee F/RE (9.25) 


Though the coefficient D contains T-*, it may be considered con- 
stant at a first approximation as compared with the power Func- 
tion. According to Eq. (9.25), the amount of heat evoived in unit 


Po 


in 
Tq’ 1p T% 1)” 


(6) 


Fig. 9.9. The therinal balance of combustion: 


(a)— the rate of heat evolution at pressures P, > P, > P,; the straight iine is the rate of heat 
emission at the wall temperature JT): (6)—rate of heat evolution at the pressure P.; /. 2, 
3—rates of heat emission at various teinperatures of the wall. 


volume per unit time increases sharply with rise of temperature. 
The quantity g,; increases also with increasing total pressure. Fi- 
oure 9.9 represents the curves of the rate of heat evolution versus 
temperature for three pressures: P; <Q Po << Pp. On the other 
hand, the amount of heat given off by the gas is proportional to 
the difference between the temperature of the gas, 7, and that of 


the vessel wall, Jo: 


Here x, the total heat-transler coelficient, depends on the shape of 
the vessel, the surface area of its walls, but it is independent of 
pressure. Therefore, at a given temperature of the wall the depend- 
ence of g2 on temperature is expressed by a straight line. If this 
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Straight line is compared with the P». curve, then it will become 
evident that the process cannot be steady-state: the rate of heat 
evolution is everywhere greater than that of heat transfer. Hence, 
the mixture is heated, the reaction is speeded up and ends with 
combustion. At a lower pressure P, the mixture is first heated but 
only up to temperature 7; at which the heat evolution curve in- 
tersects with the heat-transfer straight line. The heating-up :s 
stopped since the rates of heat evolution and heat transfer are 
equal and the chemical process is stationary. The pressure Pp at 
which the curves only touch each other is evidently the boundary, 
minimum pressure—ignition is possible only at P= Pp». Such 
is the effect of pressure at a specified temperature of the wall. 

Figure 9.95 shows the effect of the wall temperature at a given 
pressure Po. The rise of the wall temperature leads to the de- 
crease of the rate of heat transfer—to the shift of the straight line 
to the right. Thus, whereas at T‘)) thermal combustion is impos- 
sible, it will occur as the wall temperature increases, say, up to 
To". 

Now we shall determine the relation between the minimum pres- 
sure Py and the wall temperature. The combustion conditions are 
realized at the point of intersection, where the rates and their de- 
rivatives are equal, L.e., 


dw 


aw | _ (9.27) 
al \rer,) 


1 Quy, = (7) — To) 
1 


The reaction rate will be written provisionally in the following 


form: 
w = CeW ERI (9.28) 


which contains the quantity C defined as 
sam Na(lL—Nagy?’ (9.29) 


which will be considered to be independent of temperature at a 
first approximation. Therefore, 
dw CE egies 
dT RT? © 
Hence, with account taken of Eqs. (9.28) and (9.30), the condi- 
tions (9.27) will assume the form: 


(9 30) 


I QCe~ FRE: = x (T, — To) 
1] QCE pa HiKI, x (9.31) 
RT; 
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From the second condition we determine the exponential function 


ea EIRT: RT 
OCF 
and substitute into the first. We get 
2 
al =x (T,— To) 
or 
A ri—1, +7) =0 (9.32) 


The physical significance is exhibited by the smaller root of this 


quadratic equation, 1.e., 
l— a/i — 4 Ae 
= an (9.33) 


An approximate solution of the problem can be found by expand- 
ing the radical info Maclaurin’s series, only the first two terms 
of the series being left. We obtain 


(1 _ ART» )’ ~ | — 2RT 5 
E ~ E 


or, substituting the radical into Eq. (9.33), 
T ~ To (54.44) 


Thus, we arrive at a somewhat unexpected result indicating the 
approximate equality of the wall temperature and the ignition 
temperature. In other words, thermal combustion may be almost 
isothermal at the very outset, which is accounted for by the strong 
dependence of the reaction rate on temperature and leads to the 
difficulties in the experimental determination of the nature of 
combustion. 

The value of 7; = 7» may be substituted into the second of 
the conditions (9.31): 


QCE |-E/kT, _ y (9.35) 
RT, 
and also C may be replaced by its expression from Eq. (9.29). We 
obtain the relation 
DN, (1— Na} Poke 


| —E/RT- 
e = % (9.36) 
RT 


in which the arbitrary pressure value has already been replaced 
by the pressure Fo which corresponds to the point of intersection. 
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We rewrite Eq. (9.36) in the following manner: 


Pp: “xR . 
Ln ee aan 


Here the quantity Co designates the fraction in square brackets, 
which is only slightly dependent on temperature. Taking loga- 
rithms in Eq. (9.37) 


no Pot, Ey lie 
0 0 2 


and introducing new constants, we finally get the relation * 
To To 
OF A (9.38) 
log Po= log To += + B 


which connects the minimum pressure of thermal combustion 
with the wall temperature. 

Equation (9.38) and similar equations have been repeatedly 
tested and have been found satisfactory in general. Figure 9.10 
gives, in appropriate coordi- 
nates, data on thermal combus- 
tion for the decomposition of 
chlorine oxide. The straight-line 
dependence of log p/T on in- 
verse temperature confirms the 
correctness of the form of the 
: function (9.38). 

2.0 i a 7, In the cases discussed above, 
(ifr 10% at pressures higher than Po 

the combustion occurs without 

Fig. 9.10. The thermal combustion substantial delays: the induc- 
upon decomposition of Cl,0. Testing tion period is short, less than 
of formula (9.38) (after A. V. Zagulin). 1 sec. In many cases, however, 
ignition takes place with much 

epreater delays. As an example may be cited the oxida- 
tion of methane by oxygen, where at ft=730°C and p= 
= 40 mm Hg the induction period is close to 4 min. Long in- 
duction periods are also observed in the combustion of other 
hydrocarbons and also in the oxidation of carbon disulphide and 
hydrogen sulphide. In the combustion of solid and liquid explo- 


* Later, the authors reconsidered the derivation of the relation between Po 
and J») and obtained a somewhat different relation for a bimolecular reacticn: 


log (p,/T5) = AIT -+ B. It however differs little from the relation given above. 
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sive substances, the induction periods that precede the combus- 
tion amount to several minutes and even hours. A more detailed 
study of the kinetics of these processes shows that they are of 
autocatalytic nature and the reaction velocity in the initial stage 
is described by the equation 

a= amt or (9.39) 
where x is the amount of substance reacted, and no is the number 
of molecules of the final product or of the intermediate in unit 
volume per unit time, which participate further in the reaction 
as catalytic centres. Integration of the equation gives the fol- 
lowing result: 

r= - (et? — 1) (9.40) 


Substitution of x into the original differential equation yields the 
time dependence of the reaction velocity: 
ax 


— ——_ = 7,e? 
WwW dt floeé 


t 


which does not differ functionally from formula (9.15), which 
was derived for the rate of a branching-chain reaction. Thus, the 
kinetics of autocatalytic thermal combustion may be similar out- 
wardly to the kinetics of a pure chain combustion. All this must 
be taken into account in the study of reactions that end up with 
combustion or explosion. 


CHAPTER 10 


Kinetics 
of Photochemical Reactions 
in Gases 


10.1. Absorption of Light by a Homogeneous Medium 


Since the time of Grotthus it has been known that a chemical 
change is produced only by the light absorbed. We shall consider 
now some laws of light absorption. 

Let a parallel beam of monochromatic light of wavelength A 
enter an infinitely thin (dx) layer of a homogeneous absorbing 
medium (Fig. 10.1). If / ergs fall on each square centimetre of 
the surface of the layer per second, we say that the light beam 
incident upon the layer is equal to / ergs/cm?-sec. Suppose that 
alter having passed through a layer of thickness dx the light 
beam intensity diminished to /—d/, where d/ is the radiant 
energy absorbed per second per | cm? of the layer. 

Experiment shows that, first, each thin layer of constant thick- 
ness inside a homogeneous absorbing medium absorbs a definite 
proportion of the incident light beam. This law established by 
Bouguer in 1729 and by Lambert in 1760 is known as the Bou- 
guer-Lambert law or, for short, as the Lambert law. The essence 
of the law is that the absorbing power of the medium is indepen- 
dent of the intensity of the incident light. The law is quite exact: 
Vavilov has found no deviations from this law; he conducted 
measurements within the range of variation of the light beam 
from 10-'! to 10° erg/cm?:sec. 

Second, according to experimental evidence, the absorption of 
light by a thin layer is proportional to the number of absorbing 
molecules contained in it, t.e., its concentration. This is Beer’s 
law which was enunciated in 1852. It states that the absorbing 
power of molecules is independent of the distance between them 
and is an approximate law which is valid only at sufficiently low 
concentrations. 

Let us write the mathematical formulations of these laws. The 
Bouguer-Lambert law may be stated as 


1.4) kK (10.1) 
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But, according to Beer’s law, the quantity A, which characterizes 
the absorbing power of the medium, is proportional to the concen- 
tration of absorbing molecules in the layer, n, i.e., 


K=kn (10.2) 


The thus introduced characteristic k is called the molecular ab- 
sorption coefficient; it is no longer dependent * on the concentra- 
tion and is a measure of the absorbing 
power of molecules for a given wave- - 
length. As can easily be seen from 
Eqs. (10.1) and (10.2), k has the di- SE 

Fig. 10.1. The absorption of 
_ al _,, dx (10.3) light by a substance. 


mensions of length squared (cm?). 
Now we shall rewrite the combined 
law in the form 


and integrate between the limits of x from 0 to J, where / is the 
total thickness of the absorbing layer, and of / from /) to J. 
Raising to a power yields 
{= Toe kM! (10.4) 


In this formulation the law is usually called the Lambert-Beer 
law. The radiant energy absorbed by a layer of cross-sectional 
area 1 cm* and length / is given by 


A= 1,—1 = Ip (1 — e*") 


In photochemistry, just as in chemistry in general, the con- 
centration is more often expressed in moles per litre and not by 
the number of molecules in 1 cm. In accordance with this, an- 
other constant is introduced, which characterizes the absorbing 
power of molecules for a light of a given wavelength, namely, the 
molar absorption coefficient; it is defined by the relatien 


Rn = ec 


The relation between & and ¢ is easily found: 
k C 10C0 


en 6.02 10 
or k = 1.66 X 10-?!'e. 
In practice, it is convenient to make use of the molar ex!inc- 


tion coefficient e139, with the Lambert-Beer law written in the torm 


jf mee Jy» 107808 = Jge "0 Xv eae 
from which it is obvious that 
& = 2,303 : 19 


* To a first approximation. 
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Thus, 
k = 1.66 X 10 se =3.82 «1072! - ,, 


Such are the relations between all the absorption coefficients 
used in practice. For example, the value of e for coloured organic 
compounds is approximately equal to 104 at the absorption imaa:- 
muin. Hence, for the same substances 


k=10' 1.66 x 1077) = 1.66 107)” em? 


We shall return to the discussion of this value of 2 at a later 
time. 
The Lambert-Beer law (10.3) may be represented also in the 


form 


/ 
— kan (10 5) 


where dn = n-dx will express the number of absorbing molecules 
in a layer of thickness dx and surface area | cm?. From relation 
(10.5) it follows that each molecule absorbs a definite proportion 
of light beam incident on the layer. In other words, the molecule 
behaves like a plane of surface area k cm? which is opaque to 
light of a given wavelength. As a rule, the dimensions of the 
plane are smaller than the size usually adopted for the molecules 
themselves. Thus, in the above-given example involving coloured 
organic compounds k ~ 2X 10-7 cm*. Assuming the diameter 
of the molecule to be equal to 5X 10-% cm, we obtain the cross- 
sectional area 2X 107!° cm?, i.e., the value which is 100 times 
greater. 

Incidentally, the above interpretation of the molecular absorp- 
tion coefficient allows one to obtain readily the Lambert-Beer law. 
A light beam of / ergs/cm?-sec corresponds to Ny =TJ//hv quan- 
ta/cm?-sec. On passing through a layer of thickness dx, which 
contains dn molecules, the number of photons diminishes by 
—dN,. This decrease is equal to the product of the total number 
of photons incident upon | cm? per 1 sec, Ny, by the total surface 
area of opaque planes in the absorbing layer, which is equal to 
kdn, on the condition that separate molecules do not overlap one 
another, i.e., in a sulficiently dilute solution. 


Thus, 
—daNy=RdnNy=kndxNy 
OT 
dNy dl 
— Ny = TT = kn dx 


which is the usual formulation of the Lambert-Beer law in a 
differential form. 
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Thus, one of the tactors responsible for the approximate nature 
of the Beer’s law becomes clear, i.e., it is evident now that this 
law is applicable to sufficiently dilute solutions or gases of not 
too high a density. 


10.2. Basic Laws of Photochemistry 


In 1817 Grotthus reported about his observation that a chemi- 
cal change in matter can be produced only by light, the coloura- 
tion of which is complementary to the colour of the material, i.e., 
the light absorbed by the material. In 1830 Draper gave a clearer 
formulation of essentially the same law: only light that is ab- 
sorbed can be effective in producing a chemical change (the first 
law of photochemistry). 

In 1904 van’t Hoff formulated the quantitative regularity lying 
at the basis of the kinetics of photochemical reactions: the amount 
of a photochemically changed substance is proportional to the 
radiant energy absorbed. 

We may formulate this important law as follows. In time dt 
the concentration of a photochemically reacting substance changed 
by dc <0, where c is the instantaneous concentration. On the 
other hand, if the photochemical system is a homogeneous ab- 
sorbing layer of thickness /, the energy absorbed per second is 
piven by 

A=1,(1 — e7**) 


By the van't Hoff law, 
— de=const:-A-dt=const-/)(1—e7 ecl) 4, 
or 


— = = const: /p (1 — e~ £¢!) (10.6) 
Expression (10.6) may be regarded as the mathematical formula- 
tion of the van’t Hoff law. From this law we can draw the follow- 
ing conclusions. First, if the absorbing layer is thin, ie., is equal 
to dx, the amount of energy absorbed per second ts equal to 
dA = Ioec dx 
Then 


— a = (const: /,edx)c=Ryc 
and the reaction rate is proportional to the concentration of the 
reacting substance raised to a first power, i.e., the reaction is 
first order. Second, on the contrary, if cl is large (a thick ab- 
sorbing layer, a large absorption coefficient), then 


dc 
— ap = Const: Zo 
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Now the entire light beam is absorbed, and the reaction rate is 
independent of the concentration (zero order) and is proportional 
to the light beam. 

In 1912 Einstein published his famous law of photochemical 
equivalence. At present this law is formulated thus: each quan- 
tum ot light causes a change in one molecule (the second law of 
photochemistry). 

In distinction to the original formulation by Einstein, in which 
it is stated that the light quantum absorbed causes a chemical con- 
version of a molecule, by the word change is now meant any 
change, both chemical and physical. The molecule may become 
excited when it absorbs light and then lose the excitation energy 
without having reacted. 

Thus, the primary cause of a photochemical reaction is the 
absorption of light. 

We now introduce the concept of the total quantum yield, or 
the quantum efficiency, of a process. This quantity is defined as 


__ number of molecules decomposed or formed in the reaction 
number of quanta absorbed 


For a discussion and interpretation of this most important photo- 
chemical quantity, the photochemical reaction should be divided 
into three principal, somewhat overlapping stages: 

(1) the initial act of light absorption; 

(2) the primary photochemical process; 

(3) secondary reactions. 

We shall consider these stages separately, in the order in which 
thev are listed above. 

The Initial Absorption Act. The Grotthus-Draper law and the 
Einstein law formulate a necessary but insufficient condition tor 
the initiation of a photochemical reaction. Thus, it may be noted 
that the light that causes the excitation of only the rotational and 
vibrational energy levels of the molecule is usually inactive pho- 
tochemically. The corresponding infrared quanta are too small 
(their energy is tenths and hundredths of an electron-volt) to 
induce the rupture of bonds in the molecule. 

The initial action of light in any gascous photochemical reac- 
tion gives rise to an electronically excited molecule. The quantum 
yield of this process, i.e., the initial absorption act, is equal to 
unity in most cases. Since exceptions to this rule are rare, we 
assume it to be equal to unity without reservations. 

The Primary Photochemical Process. Properly speaking, the pri- 
mary photochemical process may include both the initial absorp- 
lion act and the processes of conversion of an electronically excit- 
ed molecule that follow immediately the absorption act. In gen- 
eral, if a molecule A absorbs a quantum of light, the following 
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possibilities of its primary conversion listed in Table 10.1 may be 
visualized. 


TABLE 10.1. Primary Processes Involving A * 


Type of provess Reaction equation 


—> I. Fluorescence A* —» A+ hv 

— II. Deactivation upon col- | A*+M.— A+M 
lision or at the wall 

— III. Direct spontaneous dis- | A* — D,+D, 


Initial act of ab- sociation 
sorption —» IV. Dissociation induced by | A*+M — D,+D.+M 
At hy=A* a collision 


— VV. Internal rearrangement | A* — B 
or isomerization 

— VI. Reaction with other} A*+B—>C 
molecules 


We may speak of the quantum yield of the primary photochemi- 
cal process or, for short, of the primary quantum yield. Its defini- 
tion is evidently associated with the nature of the process itself. 
If, for example, process VI, i.e., the reaction of an electronically 
excited molecule with another molecule, were the only one taking 
place, the primary quantum yield would coincide with the yield 
of the initial absorption act, i.e., would be equal to unity. Experi- 
mental data, however, indicate that only a few photochemical 
processes include a direct reaction of electronically excited mole- 
cules. 

In the majority of photochemical reactions, however, the pri- 
mary process leads to the dissociation of the absorbing molecule 
(process III). Thus, the primary quantum yield may be defined as 
follows: 

number of molecules dissociating in the primary process 
— number of quanta absorbed 


Perhaps, the highest value of y; is unity, but if the other processes 
(most often, I and II) also take place, y; becomes smaller than 
unity. The value of y: is usually indeterminable by direct experi- 
ments. To find it, we must either obtain information about the to- 
tal yield and the nature of the secondary processes or estimate the 
ratio of the rates of reactions I-V. The matters are often facilitat- 
ed by the fact that not more than two or three of the processes 
listed are of importance and it becomes possible to evaluate, 
though approximately, the relative values of their rate constants. 
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A study of the absorption spectrum may be very helpful in this 
respect. 

Figure 10.2 shows three types of potential-energy curves for 
diatomic molecules in their ground electronic state (the lower 
curves with a low minimum) and in 
the electronically excited state (the up- 
per curves). If the shape and relative 
positions of the potential-energy curves 
correspond to those shown in Fig. 10.2a, 
the absorption of light leads to a stable 
excited state in which the vibrational 
motion of atoms is possible. The absorp- 
tion spectrum here is discrete, banded 
in accordance with the discrete energy 
levels. The dissociation of molecules 
into atoms does not occur at all or oc- 
curs seldom when the light is absorbed 
not at the lower vibrational level 
(marked by zero), which is the most 
probable at moderate temperatures, but 
at the higher excited levels. 

The upper potential-energy curve in 
Fig. 10.2c has no minimum. This repul- 
Sive curve corresponds to the unstable 
excited state. Here, each absorption act 
leads to the dissociation of the molecule 
into atoms and the absorption spectrum 
is continuous since the dissociation 
product can carry away any amount ol 
unquantized kinetic energy. A similar 
picture is observed, for example, when 
light is absorbed by the HF, HCl, HBr, 
Fig. 10.2. Three types of elee- HI and F». molecules. 
tronic —s transitions — upon In the intermediate case (Fig. 10.26), 
absorption of light by a div the molecule upon absorption of light 

atomic molecule: . . 

a)—no dissociation or dissociae 1S found to be on the portion of the po- 
tion is insignificant; (b)—disso- tential-energy curve that corresponds 
Shoton absorpticn 12 accompanied to the energy exceeding the dissociation 
by dissociation. energy. Here the light absorption most 

often also results in dissociation, and 

the absorption spectrum is largely continuous. Thus, a continuous 
absorption spectrum indicates that the state A* is unstable and 
the molecule dissociates rapidly. On continuous absorption the 
assuniption that process II] (Table 10.1) predominates over the 
others is probable. On the contrary, a_ discrete absorption 
spectrum points to the sluggishness of processes III and IV 
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(Table 10.1), because of which the other processes can compete 
with it. 

Secondary Reactions. Let us divide the total quantum yield by 
the primary quantum yield. We get 


__ ¥ __ number of molecules decomposed or formed in reaction 

Ve MO number of molecules dissociated in primary process 

This ratio is a measure of the development of secondary reactions 
and may be termed the secondary quantum yield. Obviously, y = 
= ive. The products of the primary dissociation, D; and Ds, may 
be stable molecules, reactive molecules, or free radicals and 
atoms. If the dissociation products are stable molecules, then it 
is most likely that no subsequent reactions will occur, and the 
total yield will be equal to the primary yield and yo = 1. But il 
the primary dissociation products are free radicals or atoms, as 
is most often the case, then secondary reactions may take place. 
In this case, yo may remain to be close to unity and deviate 


TABLE 10.2. Secondary Reactions 


Type of process Reaction equation * Resultant value of y, 


VII. Recombination D,+Dea+M—oA+M <i] 
VIII. Reaction with the | D,+B—-A+C < | 
product or any other 
molecules, involv- 
ing the regenera- 


tion of A 
1X. Non-chain reactions |(D, + D, ~ B+C 
without participa- |¢D,; + De — B;De+D2.2—-C 1 
tion of A and with- |(D, +B — CC, etc. 
out formation of A 
X. Non-chain reactions | D, +A —B+C 2or 3 
involving new mole- 
cules A 
XI. Chain reactions 1D. +B—->E-+ Dt >1, possibly >1 
without participa- |{De+C —- E+D, 


tion of molecules A 


XII. Chain reactions {> +A —-B+ 3 >1, possibly >1 
with participation |(D,+A —C-+D, 
of molecules A 


* B and C are stable molecules different fro:n A. 
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strongly from it in both directions. In general, if molecule A dis- 
sociates into free radicals, the secondary reactions given in Ta- 
ble 10.2 are possible. 

In accordance with the data presented in Table 10.2, a high 
quantum yield is indicative of the occurrence of secondary chain 
reactions. But if it is small, recombination VII or deactivation 
II may be suspected. If y is equal to a small integer and depends 
but slightly on the conditions of the experiment (especially if the 
absorption spectrum is continuous), then, in all probability, there 
takes place a rapid and complete dissociation into stable mole- 
cules or radicals which react only according to Equations IX and X. 
Generally, the reaction mechanism can be deduced on the basis 
of a study of the dependence of y on the conditions of the experi- 
ment, namely, (1) the concentrations or pressures of the reactants 
and also of the inert substances added; (2) light intensity (the 
light beam intensity); (3) wavelength; (4) temperature; (5) the 
size of the vessel and the wall material. 


10.3. Determination of the Primary Quantum Yield 


Let us return to primary processes and the primary quantuin 
yield, which govern the subsequent course of the reaction. Ta- 
ble 10.1 lists 6 possible primary photochemical processes. In kinei- 
ic studies, however, resort is made to simplifying assumptions. 
Namely, based on some preliminary data, we choose the most 
important primary processes, neglecting the others. Having obtain- 
ed further, on the basis of the assumptions made, the mathemati- 
cal relations, we compare them with the experimental data. Such 
simplifying assumptions include the so-called Stern-Volmer mech- 
anism which is frequently employed in practical investigations. 

Suppose that the primary absorption of light is accompanied by 
fluorescence, the intensity of which can be measured. Besides, the 
molecule that has primarily absorbed light can be deactivated 
upon collision with another starting molecule A and can also dis- 
sociate. In other words, let us assume that the initial absorption 
act is followed by three primary processes only. We are to deter- 
mine the primary quantum yield under the conditions indicated 
above. 

Thus, according to Stern and Volmer, the following mechanism 
is thought to occur: 


Absorption A+ hv — > A” lq 

Primary processes: 
I. Fluorescence A* —> A-+ Av Rk, =~ (10.7) 
2. Deactivation A* +A — > A-+A ko 


3. Dissociation AX — > D,+ Da» k3 


10.8. Determination of the Primary Quantum Yield 277 


Jn estimating the absorption /a is the intensity of the light ab- 
sorbed equal to the rate of formation of the excited state. * The 
rate of dissociation may evidently be written thus 


To replace the concentration of A*, which is usually not directly 
determinable, use is made of the steady-state approximation (see 
Sec. 3.4) by applying it to the unstable intermediate A"; 
Iqg=k, [A*|] + ko [A*] [A] + 23 [A*] 
Hence 
ee 
Ri + ko[A] + 
Substituting the value of [A*] found into Eq. (10.8), we obtain 
the rate of dissociation of A: 
d{Di] _ lq 
dt k, + ko[Al] 
k3 


[A*] = 


[+ 


The primary quantum yield is equal to the ratio of the rate of dis- 
sociation to the rate of light absorption, i.e., 
1 d{Dj\] l 


v= 7 UCUdt ki +k [A] 
i+ 
3 


(10.9) 


Let us now turn our attention to fluorescence which, as we have 
said, can be changed. Let the number of fluorescence quanta emit- 
ted per 1 cm® per second be equal to /; = k,[A*]. The quantity /, 
is, as before, the intensity of the light absorbed. Then, if the 
Steady-state conditions are applicable to the volume under con- 
sideration, we may write 

Ply + Ry [ATLA] + 2, [A*] 
or 
L — Uy = ke [A*] [A] + Raf A*] 


Dividing the last expression by /; = k, [A*], we obtain 


tq R3+Ro[A] _ Rs Ro 

i, a STP lA (10.10) 
The ratio of the number of absorbed quanta to the number of 
quanta emitted by way ol fluorescence is a measure of fluorescence 
quenching. If the dependence of fluorescence quenching on the 
concentration of the absorbing substance [A] is measured, then, by 


_ * As has already been pointed out, the quantum yield of the absorption act 
is assumed to be equal to unity; /g is expressed in quanta/cm?-sec or in ein- 
steins (moles of quanta) /cm?-sec. 
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Eq. (10.10), the graphical representation of this dependence must 
be expressed by a straight line (Fig. 10.3). The slope of the 
Straight line tan a= &2/k, and the intercept on the ordinate 
a=1+:,/k,. Thus, the Stern-Volmer mechanism leads to a lin- 
ear dependence of the quenching on the concentration, which 
allows one to find the ratios of the constants, Ro/k,; and ,/ks, 
and, hence, the ratio Ro/k3. The ratio 
found can be substituted into Eq. (10.9) 
and the primary quantum yield deter- 
mined. The procedure actually used in 
practice is somewhat more complicated 
than the one described above since cor- 
rections for the absorption occurring on 
the way to the measuring instrument 
Concentration of A must be introduced into the fluores- 
cence measured. We shall not dwell on 
Fig. 10.3. The dependence the details involved; we shall only in- 
of fluorescence quenching on = dicate that the observation of the 
the concentration of the ab- ; .; 
sorbing substance (for the Straight-line dependence of the form 
determination of the primary Shown in Fig. 10.3 is regarded as a 
quantum yield). proof of the Stern-Volmer mechanism, 
i.e., a mechanism in which the destruc: 
tion of excited molecules by way of a bimolecular deactivation 
competes with the unimolecular fluorescence. Such is one of the 
possibilities of determination of the primary quantum yield. We 
shall not dwell on the other possibilities, referring the reader to 
special publications. 


10.4. Some Kinetic Equations of Photochemical 
Reactions Without Participation of Chains 


We shall now be concerned with the consideration of secondary 
reactions. Suppose a molecule A absorbs light and dissociates 
with a primary quantum yield y,. Let us assume further the follow- 
ing possibilities: one of the dissociation products can react either 
with molecule A or with one of the end products. The other dis- 
sociation product undergoes recombination. No chain is generated. 
The overall reaction may be written in the form 


9A — B+C 


This may be exemplified by the decomposition of HBr or HI. The 
mechanism may be represented in the following form: 


(1) AtAV — D,+ Dp» Vilg 
(2) D,:+A — B+Dz, ko 
(3) D,+C — A+ Dy Ry 


(4) Do + De+M —+ C+M Re 
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Or, when applied to HBr: 
HBr+hv — H-+B: 
H + HBr — Ho -+ Br 
H+ Bro —  HBr-+ Br 
Brt+Br+M —> BrotM 


Referring to the reaction in the general form, we shall assume that 
the rates of formation of end products, say B, can be determined 
experimentally. We can write further: 


a) = ky [D,] [A] (10.11) 


On the other hand, the “application of the steady-state method 
to the dissociation product D,; gives the equation 
Vila = Ro [Dj] [A] + &s [Di] [C} 
or 
— Wa , 
=F TA] + Rel C} uel) 
Substituting [Di] into the equation for the observed velocity 
(10.11), we obtain 


4@(B) _ kevilof[A] Va 
ko [A] 


The total quantum yield of the reaction with respect to product B 
is equal to 


= (10.13) 


At the start of the reaction the concentration of the product 
[C]=0. Therefore, in the initial period ys =vyr or ya = 2y). 
As the produets accumulate (or C is added) the total quantum 
yield will diminish, tending to zero. 

Taking the inverse of the total yield (10.13) 


— | 4 _hs_ ICI 
VB Vv; Roy, [A] 


(10.14) 


we see that it must be a linear function of the ratio of the concen- 
trations, [C]/[A]. Specifying the various compositions of the orig- 
inal mixture, i.e., [C]/[A], and determining ys for them, we can, by 
constructing a corresponding straight line, find the ratio k3/koy, 
from the slope of the straight line and the ratio 1/y, from the 
intercept on the ordinate. 
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Hence, the method just described enables one to find the pri- 
mary quantum yield as well and the relative value of the rate con- 
stants for elementary reactions 2 and 3. 

Further information can be obtained by carrying out an investi- 
gation at different temperatures. Suppose the dependence ys = 
== f([C]/[A]) is known for a number of temperatures. Then, for 
the same temperatures we know the ratio &3/ko. But, using the 
Arrhenius equation, we can write 


bo = Ape ~EURT =o and = ky = AgeEYRT 


OF 
Fo~ E, 
k, __ As RT 
hee “Ay 
and 
k A; &,—E; 
log loa at oar 


Evidently, the plotting of a straight line in the coordinates log 
(k3/Ro) and f(1/T) will also give the ratio of the pre-exponential 
factors A3/A»y and the activation difference E,— £3. The separate 
values of these quantities cannot however be determined in this 
way. 

The most reliable method of determining the separate values of 
ky and 3, i. e., in the particular cases of the reactions 


H+ HBr — H+ Br Ro 
and 
H+ Bro — HBr+ Br kR, 


would be the study of each of these elementary reactions sepa- 
rately. For hydrogen atoms this is not very difficult and it has in 
fact been done, but in general such a possibility is offered not very 
offen. 

In other isolated cases the information on Rk» and k3 can be 
cleaned indirectly by the method of parallel reactions. Suppose 
that the primary dissociation product D,; can also be subjected to 
the reaction 


the rate constant and activation energy of which are known. As 
soon as substance E is introduced into the reaction vessel the 
reaction 5 begins to compete with reactions 2 and 3 as to the con- 
sumption of D,, and the equation for the quantum yield with 
respect to B will De written thus: 


10.5. Kinetic Equations of Photochemical Chain Reactions 281 


Combining this relation and Eq. (10.13), we obtain 


Ge) 
Yp [A] 
Determination of the quantum yields in the presence and in the 
absence of E makes it possible to determine 2 and, hence, 2&3. 


10.5. Some Kinetic Equations of Photochemical 
Reactions Involving Chains 


Let us now examine some typical secondary reactions involving 
chains. Suppose a molecule A absorbs light and dissociates with 
a primary yield y, into two identical parts. The secondary reac- 
tions that follow the dissociation involve chains which are ter- 
minated by way of destruction of the chain carriers on the walls 
at low pressures and by way of a homogeneous recombination 
involving a third body at high pressures. The overall reaction 
caused by the chain is as follows: 


A+B — 2C 


As examples of such reactions may be cited the various reactions 
of chlorination and, in general, of halogenation. Let substance A 
be chlorine. The mechanism of the reaction may be represented 
in the form: 


Primary process (1) At+Av —> D,+D, Vilg 
{ iy D,+B — C+D, ko 
chain 
(3) DotA —> C+D, k3 
I 
low pressures (4) Di +S — 2" = Ry 
(at the wall) 

Chain termination $ (5) Do+S —> X. Re 


high aera | (6) Di) +D,+M —>» A+M_ ks 
(in the bulk) (7) Do +D,+M —>» Y+M_ pb, 


Generally speaking, the rate law can be derived by proceeding 
from all the seven elementary processes listed above. This path is 
however not fruitful because of the great complexity of the rela- 
tions obtained. It is expedient to consider four limiting cases 
where one of the chain termination reactions, 4, 5, 6 or 7, is 
predominating. independently of the nature of chain termination, 
the rate of formation of substance C is given by the equation 


d(C] 
dt 


= k,[D,][B] + &3 [D2] [A] 


We shall further make certain assumptions. 
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. |. Chains are terminated only by way of destruction of D, on 
the wall. This condition can approximately be realized at low 
pressures if reaction 3 is sufficiently fast as compared with the 
other paths of disappearance of Dp. 

Applying the steady-state principle to D,; and Do, we find 


2y1/a + &s [Do] [A] = 22 [Di] [B] + &4 (S) [Ds] 
Ro [Di] [B] = 3 [De] JA! 


Summing up both equations, we obtain 


_ 2Vi14 
PUB) 


and substitute it into the rate law 
4koy lq [B] 


Sr = Fe [Did [B] + es [Do] [A] = 242 [D1] [B] = S75 


(10.15) 
And the total quantum yield with respect to substance C is found 
by dividing Eq. (10.15) by the intensity of the light absorbed (/a): 


1 d[C] Akay, [B] 


Yo T° dt SRS) 


(10.16) 


So, the result is the equation for the reaction which is first order 
in B. The velocity does not depend explicitly on the concentration 
of A (at constant intensity of the light absorbed /,). The factor 
($) in the equations obtained is a function of the wall activity, 
the rate of diffusion, and the convection involved. In general, 
(S) diminishes with increasing pressure. The proportionality of 
the velocity to the quantity A2[B] is consistent with the assump- 
tion that k3 is large and therefore reaction 2 is a rate-determining 
step. 

li. Chains are terminated only by way of destruction of D, on 
the wall (process 5). The approach to the realization of this con- 
dition is possible at low pressures when reaction 2 is much faster 
than the other paths of disappearance of D,. 

We apply the steady-state principle to D; and Dy: 

2y1/q + kz [Do] [A] = ke [Di] {Bl 
Ro [Di] [B] = &s [Dz] (S) 
or 
2Vila 
Rs (S) 
The rate of accumulation of the end product is written thus: 


d[C] 
at 


[D2] —= 


Ak3y,lq (A 
= ilo eA (10.17) 
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Obviously the total quantum yield with respect to C will be ex- 
pressed by the equation 
4koy, [A] 


Ve = 2¥ FR) (10,18) 


As seen from relation (10.18), the total yield approaches 2y; as 
[A] is decreased, whereas in the first case [see relation (10.16)] 
the total yield yc tends to zero with decreasing [B]. This differ- 
ence must be understandable—in this particular case the two 
primarily formed particles D,; react with B, giving two mole- 
cules C. At small concentrations of A the chains do not develop—- 
all particles Dz are destroyed. At large [A] the possibility may 
arise that D. may react with A, regenerating D,—the chain 
development begins and the quantum yield increases. But in the 
first variant, at small [B], all the particles D, are destroyed and 
yc tends to zero. 

II]. Chains are terminated only by way of homogeneous re- 
combination 6: 

Dj+D,+M — A+M 

Such a predomination of process 6 may probably take place at 

high pressures and with a high rate of reaction 3 as compared 


with reactions 2 and 7. 
As before, we apply the steady-state principle to D; and Dz: 


| 2yViJq + ks [D2] [A] = £2 [Di] [B] + 246 [D1]? [M] 
anc 

ko [D,] [B] = 3 [Do] [A] 
from which 


_ Vila \'h 
Dil=(_ [M] 


and the observed reaction rate 


ai" = k[D,|[B] + &3 [D2] [A] = 2k2 [D,] [B] 
or 
d[C]  2koyit/q' [B] 
dt ki? [M]? 
and the quantum yield (10.19) 


_ Qkoy? [B] 
VC gk [MP2 TE 
IV. Chains are terminated only by way of homogeneous re- 


combination 7: 
D2+D2+M —> Y+M 
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This can be realized at high pressures and if the rate of re- 
action 2 is great as compared with reactions 3 and 6. 
Performing manipulations like those done repeatedly, we find 
the reaction rate: 
d[C] Qkayitl* [A] 


“ode ty’ 


and the quantum yield 
Qkavyi? [A] 


cE Bh (My? 


(1.20) 
A rather substantial difference between relations (10.15) and 
(10.17) for the chain termination on the wall, on the one hand, 
and expressions (10.19) and (10.20) for the chain termination in 
the bulk, on the other, is the presence in the latter two expressions 
of a square root of the intensity of the light absorbed J. This 
difference in the dependence of the reaction rate and y on J, may 
serve as one of the direct and significant indications of the nature 
of the developing photochemical reaction. Namely, if the reaction 
rate is proportional or the total quantum yield is inversely propor- 
tional to the square root of the intensity of the light absorbed, 
then an important part in the mechanism is played by the recom- 
bination process which is second order with respect to the corres- 
ponding atoms or radicals. We may even state that in this case the 
principal (and practically the only) process of destruction of 
atoms or radicals is the recombination in the bulk. On the other 
hand, if the reaction rate is proportional to the intensity of the 
light absorbed, and the total quantum yield does not depend on 
it. such a recombination does not play a significant role and the 
disappearance of the chain carrier occurs, most probably, by 
first-order kinetics, i.e., on the wall. 

Returning once again to the expressions for quantum yields, we 
note the following: in cases II and IV the construction of a plot 
of yc versus the concentration of reactant A and the extrapolation 
to [A] 0 lead directly to the primary quantum yield y;. In cases 
I and III, the vield y, is indeterminable without additional data. 

Let us consider one more problem. Since this section is con- 
cerned with secondary reactions involving chains, it is expedient 
to return once inore to the concept of the average chain length v. 
It is timely especially as the determination of v from photochemi- 
cal evidence is perhaps the most reliable. In application to the me- 
chanism under discussion we shall define the chain length as the 
average number of cycles of reactions of the type 


(2) D:. +B —» C+D, Ro 


2 l 
(3) D2 +A —> C+D, iY vyers 
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per primary radical D,. Since each cycle gives a molecule of pro- 
duct C, then the average number of cycles per 1 cm® per 1 sec is 
equal to the rate of the observed reaction, dc/dt. But the average 
number of radicals D, formed primarily in the same volume per 
unit time equals 2y,/q. In general, the average chain length 


y= (10.21 


For the limiting cases considered above we have: 


Chain length Predominating termination 
process 
I. ye ee D,; on the wall 
Il. v= — a + 1 D. on the wall 
Wl = a D.+D,+M 
IV, y= — Al Di +D,+M 


kd? [M]” [ey 2 


As can be seen, in cases I and III, as [B] decreases the chain 
length tends to zero—the probability of reaction 2 decreases and 
the probability of disappearance of D, increases. In cases II and 
IV, with decrease of the concentration [A] the chain length tends 
to unity—the probability of regeneration of D; by reaction 3 is 
reduced and the probability of disappearance of Dy, is increased. 


10.6. The Dark Reaction 


If a photochemical reaction is accompanied by a tilermai or 
“dark” reaction, then at temperatures when the dark reaction is 
noticeable it is usually impossible to observe the photochemical 
reaction alone. In this case, one determines the rates of the 
overall reaction and the dark reaction separately. Ordinarily, the 
rate of the dark reaction is simply subtracted from the overall 
rate and the difference is considered to be equal to the rate of the 
photochemical reaction. This procedure, however, is not always 
justified and may lead to erroneous results. As an example, sup- 

ose that the mechanism of the photochemical reaction is ana- 
logous to the limiting case III (of those discussed in the preced- 
ing section), i.e., in the primary act the molecule A absorbs light 
and dissociates into two identical radicals D,. The radicals initiate 
a chain which is terminated only by the homogeneous recombina- 
tion of D,;. We shall now assume additionally the probability of 
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the thermal dissociation of molecules A into the same two radicals 
D,. On the whole, the mechanism will have the form 


(1) At hv —> D,+D, Vila Additional 
(la) A+M -—~> D,+D,+M Ry thermal 

(2) Di +B — C+D, Ro process 

(3) D2 +A —> C+D, ks 

(6) D} + D,+M — > A+M Re 


Applying the steady-state approximation to Dy, we obtain 
ke [D,][B] = &s [De] [A] 
We now write the overall (measurable) rate of the reaction 


d[C} 
dt 


= k,[Di][B] + &3 [Do] [A] = 2h2 [Di] [B] 


This equation has already been encountered in the discussion of 
the mechanism III; the reaction rate is determined by the concen- 
tration of D). 

Now we first imagine that only a dark reaction takes place. 
Then the steady-state concentration of D, is determined from the 
relation 

2k, [A] [M] + &s [D2] [A] = &2 [Di] [B] + 2&6 [Di]? [M] 


which, with the steady-state principle applied to Dg, gives 
fk [Ale 
P= a} 
Thus, the measurable reaction rate * is given by 
d [C] __ R, [A] "/3 
( dt dark 2 ( Rg 


If only a photochemical reaction occurs (this variant was dis- 
cussed in detail in Sec. 10.5), the steady-state concentration is 
determined by the relation 


__ Vile Vo 
[Di] = ( Re [M] 


[B] (30,22) 


and, hence, the rate is given by 


d [C] _ V\ I Ma 
( dt ph = 2he Re iM] ) [B] (10.23) 


What is of more interest to us now is the simultaneous occur- 
rence of a photochemical and a dark reaction. Taking into account 
all the mechanisms given above, we find from the steady-state con- 


* Incidentally, a fractional half-order of the reaction appears here with res- 
pect to substance A. 
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dition for [Dj]: 
2yilq + 2k, [A] [M] + &3 [D2] [A] = £2 [Di] [B] + 2k [Di]? [M] 


whence in ) 
—_ Ry Vila "lo 
[Di] = ( Rs T ks [M] 
and the overall measurable velocity is 
d(C] _ k, [A] vilg Yue | 
dt overall = 2kp { ke + ks [M] f [B| (10.24) 


Obviously, by simply subtracting the rate of the dark reaction 
(10.22) from the overall rate (10.24) we shall not obtain the rate 
of the photochemical reaction (10.23). To find the latter, we must 
in this case subtract the square of the rate of the dark reaction 
from the square of the overall rate and then extract a square root 
froin the difference, i.e., 


( 77 Yon _ t( aE vverat i ra ‘ark = 2he iM )" [B] 


In general, it may be stated that if the photochemical and dark 
reactions proceed by quite independent routes, the overall rate 
will be the sum of the two rates taken separately. A simple sub- 
traction will then be permissible. But if the mechanisms of the 
light and dark reactions involve at least one common secondary 
process, the overall rate will depend on the manner in which the 
concentration of particles that determine the rate depends on the 
light intensity and reactant concentration. Using the examples 
that have been given earlier, it can be shown that under the con- 
ditions of direct proportionality (say, [D\] ~ J.) the overall veloc- 
ity will really be the sum of the rates of the photochemical and 
dark reactions. But if [D,] is proportional to the square root of 
light intensity (upon chain termination in the bulk) or of the 
reactant concentration, then the overall rate will be equal to the 
square root of the sum of the squares of the rates of the photo- 
chemical and dark reactions. 


10.7. Some Simple Photochemical Gas Reactions 


Passing over now to the consideration of concrete photo- 
chemical reactions, we shall choose the following two simplest 
classes out of the vast variety of reactions that have been studied 
up to now for a more detailed study: 

I. Reactions which result from the absorption of light by atoms. 

I]. Reactions which result from the absorption of light by 
diatomic molecules. 
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We shall begin with the first class in which we include reac- 
tions with electronically excited atoms and reactions initiated by 


such atoms. 


Let us examine the possible conversions of an atom of a gaseous 
substance exposed to light. 


The process of light absorption is 
(l) X+ hv — X’* 


where X* is an atom being on a higher electronic energy level. 
The electronically excited atom may undergo the following con- 


versions: 


(2) X* —» X-+ Aw (fluorescence) 


The spontaneous emission from excited states, with which fluores- 
cence is associated, is kinetically described by a first-order equa- 


tion. 


Table 10.3 gives the average lifetiines (i.e., the inverse of the 
intensity of the emission of radiation) of some excited states of 


various atoms. 


TABLE 10.3. The Average Litetimes of Some Electronically Excited Atoms 


Ato:n Transition 


Wavelength of 


radiation, 
He 2'P, I'S, 584 44107" 
H 2?P 12S, 1216 1.2 107° 
Li 2?P 2S, 6708 2.7 >< 10~° 
Na 3?P 2°S 5896 1.6 < 107° 
K 42P 4S) 7699 2.7X107° 
Cs 6°Py, 6S, 8944 3.8 X 107° 
Cs 6?P,, 6'S, 8521 3.3 107" 
Mg 33P, 31S, 4571 4.0 107° 
Zn 43P, 4'S, 3076 1.0 107° 
Cd 53P, 5'So 3261 2.4 107° 
Cd 5'P, 5'S, 9928 2.0 10 
Hg 6* Pp? 6'S, 2537 1x 107° 
Hg 6'P, 6'S, 1849 13 107° 
Hg 63 p° 6'Sg 2656 ca. 107° 


In general, it may be said that usually t= I/k; is a value of 
the order of 10-7 to 10-8 sec. Some states (Hg, 63P>5, in 


Table 10.3), however, can radiate only by way of so-called “forbid- 
den” transitions. The average lifetimes of such states are rela- 
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tively very long (10-° to 10-4 sec) and are called metastable 
States. Since the average time between molecular collisions under 
Standard conditions (1 atm, 298 K) is approximately equal to 
10-'89 sec (Sec. 6.3), the metastable state has little chance to lose 
energy by way ol radiation and a much greater chance fo undergo 
deactivation: 

(3) X*+M —> X-+M (deactivation) 

In the last case it is believed that the electronic excitation 
energy is transiormed into the translational, rotational, or vibra- 
tional energy of colliding particles. In processes 2 and 3, no chem- 
ical change takes place: 

(4) X*+ AB — A+B4+X 
In this process, the molecule AB dissociates, and the atom X reverts 
to the ground state. The excess energy (the difference between 
the excitation energy of the atom and the dissociation energy of 
the molecules) is transformed into the translational, vibrational, 
or rotational energy: 

(5) X*-+M —> X’+M 
In such a process, the atom X* undergoes a change to assume a 
state which differs from the initial excited state X*. The state NX’ 
may be energetically either lower or higher. The difference in 
energy between the two states turns into one of the ordinary 
forms or is taken from them during collision: 


(6) X*+ AB —> XA+B 


that is, the atom A* unites with one of the particles of the mole- 
cule, the other being released. The entity XA may prove stable in 
some cases and dissociate in others. The thus formed particles A 
and B can enter further reactions: 
(7) X*4+A —> A’+4X 

What is meant here is the transformation of the electronic excita- 
tion energy of X* into any other kind of energy of the molecule A’. 
Collisions associated with such energy transformations are termed 
collisions of the second kind. Processes 3 and 4 belong to this 
category. In general, a collision of the first kind is accompanied 
by conversions of kinetic (or any other) energy into the electronic 
excitation energy. For cxamniple, 


Xte —> X*+e (collision of the first kind) 
On the contrary, on collision of the second kind 
X*+e —> X+e (collision of the second kind) * 


* For the role played by collisions of the second kind in reactions taking 
place in electrical discharges, see Chapter 11. 


1Q—94 
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the energy of electronic excitation is translormed into kinetic 
energy, either vibrational or rotational. 

In process 7 the molecule or atom A is raised to a higher 
energy leve] and X* returns to the ground state (or, in general, 
to a lower energy level). 

The first indications of the possibility of the occurrence of some 
of these processes were obtained in 1922 by Cario and also by 
Cario and Franck. 

Cario established that upon illumination of a mixture of mer- 
cury and thallium vapours by light of 2537.5 A emitted by a mer- 
cury-vapour lamp the fluorescence composition shows a series of 
thallium lines. But if gaseous thallium alone is illuminated by 
the same light, no fluorescence takes place. An explanation was 
provided by studying a process of type 7. Radiation of 2537.5 A 
is first absorbed by mercury atoms: 


Hg ('S)) +4v —> Hg*(*P?) 


with the formation of an excited state with an energy correspond- 
ing to 112.6 kcal/g-atm (389409.6 cm—'). 
This is followed by 


Het -+- Tl —> He + TI’ 
T’ —> Tl+aAv 


The symbol Tl’ is used here to denote states with different de- 
grees of excitation, which does not exceed the energy of the 
excited mercury atom. 

Some important experiments were carried out by Cario and 
Franck. They demonstrated that in the mixture of mercury vapour 
and hydrogen illuminated by a mercury line of 2537.5 A there 
appears a modification of hydrogen possessing enhanced chemical 
activity, which is capable of recovering oxides of metals. 

Since the explosion energy of the bond of the hydrogen mole- 

ule 
. H, — H-+H 
is approximately equal to 4.55 electron-volts and the excitation 


energy of the mercury atom in its 63P' state is 4.86 electron-volts, 
this energy is more than enough for the dissociation of the hy- 
drogen molecule into the atoms. Indeed, at a later time (Sent- 
fleben, 1925) the measurement of the heat conductivity of the illu- 
minated mixture showed the presence in it of hydrogen atoms. 
Thus, the appearance of atonis is beyond any doubt, but the mech- 
anism of their formation cannot be considered to have been 
fully clarified since two processes are possible: 


(4) Hg*(6°P?) +H, —> H+H-+Hg +4 0.31 eV 
(6) He*-+H, —> HgH+H-+ 0.80 eV 
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Tne second process Ieading to tie formation of mercury hydrate 
is energetically even more favourable. Moreover, mercury hydrate 
is really formed in the illuminated mixture—its lines are detected 
in the fluorescence spectrum. But this hydrate is not necessarily 
formed by process 6: its secondary formation is possible directly 
in the excited state: 

He* +H —> Hel" 
and 
HgeH* —>+ HveH-+ hv 


Possibly, both processes, 4 and 6, are responsible for the appear- 
ance of hydrogen atoms. The reaction of formation of hydrogen 
atoms in question and some 
processes similar to it form 
the basis of numerous, so- 
called photosensitized reac- 
tions. The photosensitizer ’p” (4.86) 
cary widely employedismer- ___ J fe 204 64) 
In connection with this, let Metastable 
us examine in more detail 
the principal energy levels of 
the mercury atom that par- 
ticipate in this process. Fig- 
ure 10.4 presents a simplified Fig. 10.4. Some energy levels of the 
energy level diagram since mercury atom. 
the absorption spectrum of 
niercury vapour is simple: it consists mainly of two lines, 2537.5 
and 1849.6 A. From the ground state there are possible only two 
transitions associated with the absorption of light of these two 
wavelengths. An especially detailed study has been carried out on 
reactions caused by the absorption of the 2537.5 A line, which is 
what we are concerned with in further treatment. When mercury 
vapour is illuminated by light of 2537.5 A only atoms in the 6°P{ 
state are formed. In the absence of collisions (a low gas pressure, 
the absence of a foreign gas), they are subjected to only one con- 
version, namely, the fluorescence process which is the reverse ol 
light absor; tion The 2537.5 A line is observed during the fluores- 
cence. As has been mentioned, the rate of this process obeys a first- 
order equation: 


'P’ (6.67eV) 


5, (Dev) 


d [Hg"] _— & Wet) — 
a Ta =k) [Hg"] = /, 


where [Hg*] is the concentration of excited: atoms and /; is the 
number of quanta of fluorescent radiation per unit volume per unit 
time. The various methods of determination of &; have given, on 


1Q* 
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an average, 
i= 91 10° sec! 


or the value of the inverse quantity +t = 1/k; = 1.1 * 107-7 see 
(compare with the data of Table 10.3). 

In the presence of a forcign gas, collisions take place and other 
processes become possible in addition to fluorescence. The most 
probable are the following: 

1. A complete loss o] the excitation energy through a collision 
of the second kind leading to the formation of the normal mercury 
atom. 

2. A loss of 0.22 eV energy with a transition of the atom into 


the 6°P) state. The mercury atom in this state is metastable, i.e., 
is not subject to an optical transition not associated with the viola- 
tion of the selection rule. Nonetheless, in the absence of collisions 
it can radiate but with a small rate constant, Rk; ~ 10° sec”. 
accordingly, the average lifetime is 10-% sec. Besides, a collision 
can return it to the 6°P; state with an increase of energy by 
0.22 eV. The probability of this process, which can be evaluated 
by using the Boltzmann factor, will be at room temperature 
p—EIRT __ {q—0-4343E/RT __ 1 9-0-4343 X 0.22 X 23,000/600 = 10-4 


This probability is not great and the principal way of disap- 
pearance of metastable atoms is perhaps their deactivation to 
their ground level by way of collisions of the second kind. There 
is ground for believing that this process is the main supplier of 
energy in photochemical, mercury-sensitized reactions. The sup: 
porting evidence is provided by a study of the process of quench- 
ing of the fluorescence of mercury vapour illuminated by light of 
2537.5 A by means of various gases. Without entering into the 
details, we note that the rate of quenching is estimated as follows. 
According to the collision theory, the rate constant of a bimoles- 
ular reaction is expressed, as known (7.11), by the following 
relation 

E 


——e 


, | 1 \)'2 RP 
= Dip 88: —— +- —- 
Ri Dinf «RT ( My + M, \ e 


where Dyg is the inean diameter of the colliding particles. When 
considering the quenching process, it is usually assumed that 
each collision is cffective, i.e, E = 0 and, using the experimen- 
tally found values of the constants, one solves Eq. (7.11) for Dip, 
which is termed the effective cross section for quenching. 

The effective cross sections for the quenching of fluorescence 
by nitrogen in the processes 


Hg (*P}) +N. —> Hg (Pp) +Ny 
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und 
He (3P}) +N, —> He ('S)) +N, 


are, respectively, equal to 0.97 & 10-'® and 0.07 & 107-'® cm?, i.e., 
during the formation of a metastable atom the cross section is 
supposed to be greater by a factor of 14. Nonetheless, certain 
gases, say hydrogen and oxygen, quench the fluorescence of mer- 
cury by the second process. Therefore, on the whole, it is difficult 
now to answer the following question 
unequivocally: Which state of mer- 
cury, “P} or °Ps, provides an energy 
as the source of the energy of photo- 
chemical reactions? 

The afore-mentioned original ob- 
servation by Cario and Franck was 
followed by a very large number of 
experimental investigations, which 
made use of excited mercury atoms 
in chemical reactions. Taylor and 
Marshall (1926-1927) studied the 
mercury-photosensitized interaction 
of hydrogen and oxygen. They found 
that the principal initial product is 
hydrogen peroxide. According to 
these authors, the primary process 
gives rise to hydrogen atoms and 
the peroxides that initiate the for- 


Fig. 10.5. Apparatus for con- 
ducting the  photosensitized 


mation of a chain. Namely, decomposition of ethane (sche- 
matic): 
Hg (°P®?) +H, —>» H+H-+He('s 
g ( i) 2 g ( 0) I!—celectrodes: 2— discharge tube 
H+ 0, > HO, with tnercury vapour; 38—reaction 
vessel also containing mercury vas 


HO, 4-H, -—> i1,0. + H pour and reacting substance. 


There is no need to list all the reactions that have been studied: 
there are a very large number of such reactions. They include 
reactions involving mixtures of hydrogen with various inorganic 
substances: No, CO, COs, DoO, NH3, ND3, or with hydrocarbons, 
such as CH,, CoHs, C3Hs, CoHy, CoH. There have also been studied 
reactions involving oxygen-containing organic compounds, such 
as CH30H, CoHsO0H, CH3COCHs, ctc. A large number of investi- 
gations on the photosensitized decomposition of various hydro- 
carbons have been conducted. For example, Steacie and Cun- 
ningham subjected ethane containing mercury vapour to the ac- 
tion of light from the mercury lamp (Fig. 10.5). In the reaction 
products there were detected considerable amounts of hydrogen, 
propane, butane and hexane — this in itself is an indication of 
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the complexity of the reactions involved. For instance, at a tem- 
perature of 88°C and a pressure of 5 mm Hg, the reaction prod- 
ucts contained: Ho», 45.6; CHy,, 15.4; Cs3Hs, 10.7; C;Hio, 8.6; 
CeHi4, 19.7 molar per cent, and the quantum yield was equal to 
0.28. With rise of temperature the quantum yield of decomposition 
almost doubled (0.53). The ratio He/CH, decreased with rise of 
temperature and increased with increasing pressure. 

Taylor and Marshall proposed the following mechanism for 
the reaction: 


(1) CyHg + Hg* ("P]) —> C,H; +H + Hg ('S,) 
(2) H, + Hg" —> H+H-+ Hg 

(3) H+ CoHs —»> CoHs + He E =~ 8 kcal/mole 
(4) H+ CoH; —» 2CHs3 

(5) 2CH; —»> C,H 

(6) CHs-+ CoH; —»> C3Hs 

(7) 2C.Hs —> CyHio 

(8) 2H+M —>» H,+M 

(9) CH; +H+M —> CH,+M 


The increase of the quantum yield of the decomposition of ethane 
with rise of temperature is associated with the acceleration of 
reaction 3 which has an activation energy of about 8 kcal/mole. 
As a consequence, the role of the recombination process 8 is di- 
minished. The rise of temperature also speeds up the process of 
“atomic cracking” 4, which reduces the ratio Ho/CH,. When the 
initial pressure increases, the primary process | becomes faster 
and the consuniption of hydrogen in reaction 2 is diminished. As 
a result, the yield of hydrogen increases. Besides, at higher pres- 
sures the process 3 becomes dominant as compared with process 4. 
This too increases the yield of hydrogen. 

What has been just described is the result of a semiquantitative 
study of the photosensitized decomposition of hydrocarbons. Of 
course, on the basis of such a study of only a single reaction it is 
difficult to depict the actual mechanism of the conversion. Only 
through a comparison of the mechanisms supposed for different 
reactions can we exclude some elementary steps as improbable 
and, on the contrary, include the others. Thus, for example, tne 
idea of atomic cracking of the type of process 4 in the Steacic- 
Cunningham mechanism is based, for onc thing, on the results 
of investigations of the interaction of hydrogen atoms, which have 
been obtained by the Wood method in a discharge tube, with 
butane. The only product of this reaction at room temperature 
(apart from hydrogen) was methane. Its exclusive formation can 
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be explained, following Steacie and Brown, by a number of se- 
quential reactions of atomic cracking: 


(1) H+ Cio —» Cy4Hyo + He 

(2a) H+ C;H, —» C3H; + CH; 
Or 

(2b) H+ C,Hg —> CoHs -+ CoHs 

(3) H+C3H; — > C.Hs + CHs3 

(4) H+ C,H; —» 2CH; 

(5) H+CH;+M —> CH,;+M 


Reactions Induced by the Absorption of Light by Diatomic Mol- 
ecules. Perhaps, there is no other photochemically active sub- 
stance that has been so popular . 
among chemists as_ chlorine. 2 
This is associated, first, with i 
the fact that chlorine absorbs a7 
in the visible region and in the OO _¢ 
near ultraviolet region, and 3s, 
this makes it possible to use 
apparatus made of ordinary 3 
glass and molten quartz. Sec- 


“250 300\350 400 450 1500 55 


ond, chlorine reacts with many Wavelength, 
substances with a considerable | Me [ 
decrease of free energy, which ~ 340 478.4 578 


in the long run makes possible Fig. 10.6. The molar extinction coeffi- 
the development of long chains. cient (e,,) of chlorine versus the 
The quantum yields of many of wavelength. 

the reactions involving chlorine 

reach very large values, amounting even to 10° Hence, to produce 
considerable quantities of products there is no need to use high 
radiation intensities. 

The energy of dissociation of chlorine into two normal atoms 
is 2.475 eV. This energy corresponds to the radiation quanta 
having a wavelength of about 5000 A or 500 mw. So, a shorter- 
wavelength radiation provides an energy sufficient for the dis- 
sociation of Clp into normal atoms. Figure 10.6 shows the depen- 
dence ot the molar extinction coefficient (e109) of chlorine on wave- 
length. Beginning from long wavelengths, i.e, from about 
076.0 mu, there starts a weak absorption of discrete nature—the 
absorption spectrum has a banded structure. The latter converges 
at a wavelength of 478.5 mu, which corresponds to the energy 
2.99 eV and this is approximately 0.11 eV greater than the energy 
of dissociation into normal atoms. From this the conclusion is 
made that chlorine dissociates into a normal atom (?P,,) and an 
excited atom (?Py,) at the band convergence limit. The dissocia- 
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tion, however, occurs also at wavelengths longer than 478.5 mu. 
This can be explained by the absorption of light by molecules in 
a state of vibrational excitation or by the fact that the weak diffuse 
absorption in this region leads to the dissociation into normal] 
atoms. Beyond the band convergence limit there begins a contin- 
uous absorption which reaches a maximum at about 340.0 mis. 
In this case the absorption coelilicient is very large.* In the region 
of continuous absorption the dissociation into a normal and an 
excited (7P:,) atom probably takes place. It is however difficult 
to say whether the kinetics of photochemical reactions are affected 
by the fact that one of the atoms has a low, but noticeable excita- 
tion energy. 

The most thoroughly studied photochemical reaction of chlorine 
is its interaction with hydrogen leading to the formation of hydro- 
gen chloride. This reaction has been shown in many works to 
exhibit characteristic features. The following are some of these 
features: 

1. The induction period is often observed, i.e., for a certain 
time alter the illumination is started the reaction proceeds very 
slowly or does not occur at all. This phenomenon is ascribed to 
the presence of contaminants; only alter these are removed does 
the normal development of the reaction begin. 

2. The reaction velocity is inversely proportional to the concen- 
tration of oxygen when it is present in small amounts (from 0.09 
to 1.00 mol. per cent). 

3. There is evidently no explicitly pronounced photochemical 
threshold, though at wavelengths longer than 500 my the reaction 
proceeds very slowly. 

4. The quantum yield of the reaction is high. According to the 
data obtained by Bodenstein, it is close to 10°. The quantum yield, 
however, varies strongly, depending on the content of impurities 
and it is difficult to prepare two mixtures which would give iden- 
tical y values. 

5. The data on the effect of light intensity are contradicting. 
Possibly, the reaction rate grows more slowly than the light in- 
tensity. 

6. On the whole, in the presence of oxygen the empirical equa- 
tion for the reaction velocity, according to the data of Bodenstein 
and Ungcr (1930), has the form 

ad{HCl] kIq [He] [Cle] 


© En [Cla] + [02] {tHe} + LEY 


7 (10.25) 
m [Cla] + [Oa] [Hal + 


* e1) ~ 100. This means that at I atm (ie, at a concentration of 1/22.4 
moles/litre) the intensity decreases by half with a layer only 0,067 cim thick 


(i/ip = 10°", log 1/2 = —e1o cl; 100//22.4 = 0.301 or 1 = 0.067). 
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ee 


In a better keeping with this equation is the following scheme * 
(Chering, 1921): 


(1) Clht+thv —> CIiI+cC! las 
(2) Cl+H, —> HCI+H ks 
(3) H+Cl, —> HCI+4+ Cl ke 
(4) H+0, —> HO, ky 
(5) Cl+0O, —> CIO, ks 
(6) Cl+X —> CIX keg 


The nature of X remains to be obscure; it may be silicon com- 


pounds, perhaps, even involatile. 
Applying the steady-state method to hydrogen and chlorine 


atoms, we have 
Ro [Cl] [Ho] = 3 [H] [Clo] + ks [H] [Oe] 
2Tayi + 3 [H] [Cle] = ke [Cl] [He] + &s [Cl] [Oe] + 6 [Cl] [X] 


Or 
cup = Ref ICle] + ei THI[Ox] ays + ea fHLECle] 
Ro [He] ky [Ho] + ks [Oo] + Re [X] 


Having thus eliminated [Cl] and neglecting the product 
kiks{H] [Oo]? because of the small concentration of oxygen, we 
find the concentration of hydrogen atoms: 
[H] — 2keVila [Ho] 
Rake [Clo] [X] + [Oe] {Ros [Ho] + k3ks [Clo] + Rike [X]} 
Then, since the chains are long, the rate of formation of hydrogen 
chloride may be expressed by the doubled rate of reaction 3: 


ar = 2% [EH] [Clo] = 


AR» okaVila [Ho] [Cle] 
Rs Re [Cl] [ X ] + Op» {Rok [He] +- Rak. [Clo] + RRs Xl} 
Rs 
1 vila [Eo] [Clo] 


sae 2 {Cla X] +O» | [Hel + — [Cl 1+ 2 1x1} 


The last expression coincides with the odenstein- Unger empirical 
equation, except for the term (k¢/k2)[X] in braces, which is hardly 
sionificant. 

The Formation of Hydrogen Bromide. The energy of dissocia- 
tion of bromine into two normal atoms (°P,,) is 1.971 eV, so that 
for this process to occur, a quantum energy of radiation of wave- 
length shorter than 6288 A is sufficient. The intensity maximurn 


* The mechanism of the oxygen-free reaction (the Nernst mechanism) was 
given in Chapter 9. 
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of continuous absorption lies at about 4100 A; the dissociation 
involved probably gives rise to a normal and an excited (°P:,) 
atom *. 

When a mixture of bromine and hydrogen is exposed to lignt, 
there develops a chain process leading to the formation of hydro- 
gen bromide, the kinetics of which ** are consistent with the 
following mechanism: 


(1) Brot hv —> Br+Br Vila 
(2) Br-+-H. —» HBr+H Ro 
(3) H+ Bro —» HBr-+Br k3 
(4) H+ HBr — H.+Br R, 
(5) Br+Br+M —~> BrtM Rs 


The application of the steady-state method results in the follow: 
ing expression for the rate of the reaction being measured: 


d{UBr] 2k» [Ho] (vil)? (10.26) 
dt Var { [HBr] 
RM’? 31+ ky Br 


which differs from the equation given earlier for a thermal reac- 
tion, (3.72), by the presence of the factor (y,/,)'2 in place of [Bro]'”. 
This factor corresponds to the third limiting case, namely, the 
termination of chains by a homogeneous recombination of the 
type 
YP D+D,+M —> A+M 

Reactions of the Simplest Hydrocarbons. Methane absorbs light 
only in the short-wavelength ultraviolet region. The absorption 
spectrum of methane is entirely continuous; the intensity maximum 
lies between 1200 and 1300 A. With a continuous absorption of the 
type observed in methane it is necessary fo assume that the 
excited states are repulsive states (Fig. 10.2c). Therefore, the light 
absorption act is accompanied by an immediate dissociation. The 
most probable is the primary formation of the methyl radical: 


CHy+ hv — CH3+H 


A photochemical study has been carried out through the use of 
the xenon 1295 and 1470 A lines. The quantum yield with respect 
to hydrogen at room temperature and a pressure of about | atm 
ranges from 0.35 to 0.50. Among the products there were found 
acetylene, ethylene, ethane, and hydrocarbons containing trom 
three to five carbon atoms. With the lapse of time the quantum 


* Just as in the case of chlorine, there is no ground for ascribing sub- 
stantially diflering reactivities to these atoms. 

** The kinetics of this reaction were studied by M. Bodenstein and H. Lut- 
kemeyer (1924). 


TABLE 10.4. Data on Some Photochemical Reactions 


Exposure condi- Temperature 


Peagetants Products 


Quantuin yield tions, ete. coefficient 
oF O; Yo,=1.14-2.0 | 2530, 2070, 1770, <1 
1470; 1-300 atm 
CO | CO2, C502 | Yeo = 1 } 1295, 1 atm | = — 
CO+H, | HCHO, (HCO), | y_cyo=05 | 1470, 12950 | 
SO | No, Os | ywo= 0.75 | <1900,ca.1830] = — 
HCI | He, Cle | Very low | ca. 2000 —— 
'iBr | H,, Bro | Vite = 2 | < 2800 | >| 
Cle He | HCI | Very high 5400-3000 = | 1-12 
Clo, CH, | HCI, CHCl, High 5100-3000 1. 
CH2Clo, CHCls, 
CCl, 
Clo, CoHy | Cakf. Clo, HCI, and | High 4358 
substitution 
products 
Bro, He HBr | at 200°C and | 6000 2.6 
very low at 
25 °C 
Bro, CoHoe | CoHoBro | High | 4358-5791 | 
CH, Io, CoH, CoH, YH, = (0).35-0).50 ee 129d, 
CoH, | atm 
CoH Ho, Coll, CoH; | y,, = 0.96 1470, 1295, | = 
CH,,CgHa, Ciel 180 mm Hg | 
CoH Yellow polymer | y ~ 84:2 2150, p = 100 1.25 
cuprene mm Hg 
CH, He, CIl;, CeHe, -— Heo—arce, Al, — 
polymers Za—spark 
CsHs | Ha, (Cols)2 | _— | 2200, Al—spark| = — 
HCHO Vcoo=0.9 at 110°} 3100-3500 — 


Yco=2. 9 at 200° 
Yco= 100 at 350° 
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yield increases, which points to the increasing absorption of light 
by the products. 

The illumination of ethane with the same xenon lines leads to 
the formation of a large number of products. The quantum yiclds 
with respect to the various products obtained are as follows: 


VHo == (),96; VCoH; — 0.56; VYooHs = 0,20; YCH, = (0.05: Vo3Hs+C,Hio = 00} 


Since in the presence of carbon monoxide there is formed acetone, 
{he most probable primary process is the splitting of ethane into 
two methyl radicals: 

CoH, + hv — > 2CH, 


Table 10.4 summarizes data on some photochemical reactions, 
a part of which have been studied only qualitatively. It should be 
noted that, on the whole, the rates of photochemical reactions, us 
a rule, depend little on temperature. An exception is the formation 
of hydrogen bromide, the quantum yield of which is low at room 
temperature and approaches unity with rise of temperature. 


CHAPTER II 


Kinetics and Mechanism 
of Reactions 
in Electrical Discharges* 


11.1. General Treatment 


The kinetics of reactions taking place in clectrical discharges 
have been most thoroughly studied for the following processes: 


2CH, —> CoHe + 3H 
No + Og — > 2NO 
30, — > 20; 
He +O. — > H202 


It is these reactions that we shall be mainly concerned with in 
this chapter. 

The first stage in the development of the kinetics of gas reac- 
tions in electrical discharges (the twenties of this century) is 
charactcrized by attempts to draw an analogy between clectrical 
gascous reactions and electrolysis in solution. The proportionality 
observed in some cases between the amount of reacting substance 
and the current strength led to the formulation of the law of elcc- 
trochemical equivalence analogous to the Faraday laws. 

It was however soon tound that the Faraday laws are in 
general inapplicable to reactions occurring in electrical discharges. 
This can be illustrated by a simple example. In electrolysis, the 
amount of substance deposited on the electrodes per unit time 
depends only on the current strength and is completely indepen- 
dent of the distance between the electrodes, the variation of which 
leads only to the change of the voltage required for the given 
current strength to be maintained in the electrolytic cell. A quite 
difierent situation obtains during reactions in an clectrical dis- 
charge. For instance, in a glow discharge the amount of reacting 
substance, other conditions being equal, is approximately propor- 
tional to the distance between the electrodes. The voltage on the 


* This chapter has been written on the basis of the investigations carried 
out in the Laboratory of Catalysis and Gas Electrochemistry in the Moscow 
State University by N. I. Kobozev, E. N. Yeremin, Yu. V. Filippov, Yu. M. Eme- 
lyanov, A. N. Maltsev and also by S. S. Vasiliev et al. 
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electrodes varies in proportion to this distance foo *. On the basis 
of this observation and of the proportionality between the amount 
of reacting substance and the current strength there has been 
formulated the basic proposition which supplements the well- 
known laws of chemical kinetics for reactions in electrical dis- 
charges: The rate of a chemical reaction in a given type of elec- 
trical discharge is proporticnal to the discharge power ** 

The restriction implied by the expression “in a siven type of 
electrical discharge” should be understood in the sense that the 
change of the power must not lead to the change of the type ol 
discharge. The proportionality factors for different types of dis- 
charge for the same reaction may have quite different values. For 
example, the glow discharge at low pressures is very little effec- 
tive jor the conversion of methane into acetylene, and the arc is 
quite effective at moderate pressures. Therefore, if the power 
change caused, for example, by the change of pressure and cur- 
rent, turns the glow to the arc discharge, the proportionality factor 
sharply increases. 

In studying the kinetics of reactions in an electrical discharge, 
a difficulty was encountered, which was associated with the prac- 
tical impossibility of precise detertnination of the reaction time. 
The point is that the actual volume of the reaction zone is un- 
known in most cases, except possibly for the barrier discharge in 
an ozonizer. 

In the mid-thirties Kobozev, Vasiliev, and Yeremin worked out 
the main principles of the kinetics of reactions in electrical dis- 
charges; they also suggested that the volume oi the reaction zone 
be included in the rate constant, i.e., that the reaction time in 
kinetic equations be replaced by a proportional quantity—the in- 
verse rate of flow, 1/uv, through the reaction vessel. These authors 
introduced the concept of the specific energy U/v as the quantity 
determining the course of a reaction in the discharge. 

In the subsequent sections we shall consider the application of 
the basic principles, which have just been outlined, to the study 
of the kinetics of individual reactions. 


11.2. Kinetics of Electrocracking of Methane 


As experiment shows, apart from the principal reaction of for- 
mation of acetylene, the electrocracking of methane also involves 
a number of other reactions: the formation of ethylene, ethane, 


* This statement is valid for a discharge of a sufficient length, when the 
cathodic polential drop, which remains constant, ts small as compared with the 
total voltage on the electrodes. 

** This regularity is close in physical meaning to the van't Hoff law for 


photochemical reactions (Chapter 10), 
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and diacetvlene, the decomposition oi hydrocarbons into their 
elements, etc. The kinetics of the conversion of methane and of 
the accumulation of acetylene, however, may, at a first approxi- 
mation, be represented by the following scheme, independently 
of the mechanisms of the reactions involved: 


k 
29CH, ———~ C,H, 
k k., 
C+ H, 


where R,, Ro, and &3 are the first-order rate constants for the cor- 
responding reactions, which are independent of the power U. 

This scheme takes tnto account the formation and decoimpcsi- 
tion of acetylene and also the decomposition of methane into the 
elements. Methane thus participates in two parallel reactions, and 
acetylene is an intermediate in two consecutive reactions. The 
concentration of acetylene, or the extent of conversion of methane 
into acetylene, must, according to the above scheine, pass through 
a maximum with increasing U/v, which is completely supported 
by experiment. To derive the kinetic equations, let us represent, 
in a Simplified manner, the reaction zone in the form of a cylinder 
into which No moles of methane is fed. Let us pick out in this 
cylinder an infinitely thin layer in which the amount of methane 
decreases from Ncy, to Ncy, —dNen, during the residence time 
dt. Then, the overall rate of conversion of methane in this layer 
will be written in the form 


aN cu, 
at 


= (k, +k) UNey, (11.1) 


and the rate of accumulation of acetylene will be given by 


aN a4, 
dt 


Equations (11.1) and (11.2) take account of the proportional 
relation between the reaction rate and the discharge power. 

Integrating expression (11.1) from 0 to ¢ and from No to Nn, 
we obtain 


I 
— & RUN cys, — R3UN ey, (11.2) 


Neu, —_ Ne tk Ut (11.3) 


According to what has been said earlier, we replace the reaction 
time ¢ by the inverse rate of gas flow I/v (upon replacement the 
dimensions of the constants Rk; and ky are, of course, changed) 
and after simple rearrangements we get an expression for the 
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overall rate of conversion of methane, A: 


U 
N —_ N —(R,+ Rs) 
9  Cls aj myjpeHe v (11.4) 
No 


Substituting Mcu, from Eq. (11.3) into Eq. (11.2) and integrat- 
ing, we obtain an expression for the extent of conversion of 
methane into acetylene: 


U U 
ON kb —(Ri +k,—k;) —— —kh, — 
CoH, | E ° ? I. ’ (11.5) 


We now express, as a function of the specific energy, the con- 
sumption of energy per cubic metre of acetylene reduced to stan- 
dard conditions; then, 


Sb 
$8 a 
C8 10 a a 
Se u 
Sw UE U &> 
na kth 2 (Rk + ka — k3)——e 

= ANnO& =K,t 
Syn, p" 9 SS $$ kw 
SS U.2 | —(ki +R »—R:) =] 
SS 0125456789 10 fille 
yy ; 

Urey, AW: hr/m? <lhir/m$ CoHe (11.6) 


Fig. 11.1. The degree of conver- (here the power U is expressed in 
sion (extent of reaction) of met- kW, and the rate of gas flow v in 
hane in the discharge versus the m°%/hr). 
Specific energy. Let us now consider the dimen- 
sions and the physical meaning 
of the constants k; in the final formulas (11.4), (11.5), and 
(11.6). Since the constants are included as cofactors together 
with the specific energy in the dimensionless exponents, their 
dimensions are the inverse of the dimensions of U/v, i.e., are 
essentially different from the dimensions of the rate constants 
in conventional chemical kinetics. Thus, if U/v is expressed in 
kW-hr/m? of gas reduced to standard conditions, the dimensions 
of k; will be m?/kW-lir. 
The elucidation of the physical meaning of the constants may 
be approached in the following manner. Expanding the function 
(11.4) into a power series of U/v, we have 


r\2 3 
y (ke, + 2)? (=) (ky + ha)? (=) 
A = (k, + hk) — — ————————“— ——___—__—__—_—— — (11.7) 
U Ix? ix2xX%3 


If the ratio U/v is sinall, say, if the experiment is carried out 
at high rates of gas flow, then we may neglect all the terms in 
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this series, except the first; then 


U 
Uo 
OF 

A-u 


0 (11.9) 


ky + ko = 


Here Av, the product of the flow rate of methane (m*/hr) by 
the overall extent of its conversion A, is as a whole the total 
amount (in cubic metres) of methane reacted in the discharge 
per hour. The quantity U is the discharge power. Hence, the 
fraction on the right-hand side of Eq. (11.9) is the amount of 
methane, converted in the discharge for 1 hour, per | kW of the 
discharge power, or the number of cubic metres of methane 
reacted per 1 kW-hr of energy of the discharge. It should be 
remembered, however, that relation (11.8) is valid only at small 
values of U/v. Therefore, the con- . 


stants Rk, and ky represent the Bs 
amount of methane converted in the & <5 
corresponding directions at low spe- =~ 
cific energies per unit quantity of <8 
electrical energy consumed in the == 


discharge. 

What has been said above can be 
explained by reference to Fig. 11.1. 
Here the curve shows the depen- 
dence of the overall extent of con- 
version of methane on the specific 
energy in accordance with relation 
(11.4), and the straight line is a 
tangent to the curve at the coordinate 
origin and is described by relation 


CAC ‘4 
Cy 
up ©) 


Erfer! of eonuvtesin? of 
nine (ta acetyl 


Ja 
ry 


Fig. 11.2. The overall degree of conver- 
sion (extent of reaction) of methane, A, 
the degree of conversion into acetylene, 


Lal 


y. and the consumption of energy per I m3 —_ ‘ 
of acetylene, a, versus the specine ener- nS Se 
gy U/v at different currents, pressures and Acad vs 
distances between the electrodes: 8 
m™ Sl 
I 2 3 4 5 o 
P, mm Hg 49-45 4246 42-46 42-46 49-46 ———_1—__ 
i, A 0.5 1.0 3.5 5.0 5.0 f 
i, cm 54.1 54.1 50.5 535.1-55.5 42.0 ethan pnaren, Ln, kWhrim3 
A 7 8 9 10 
q ~~, 7 7 ¥ rea co 
P, mm Hg 42-46 42-4675 100 150 yo Go He ae 


i, A 10 060 5.0t—é«*C 0.5 05 - 
i cm 180 295 325 32.5 18.0 to x7 08 eg Vig 
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(11.8). Froin Fig. 11.1 it is seen that at small U/v corresponding 
to small degrees of conversion, A is proportional to ihe specific 
energy. The proportionalily factor, i.e., the slope of the straight 
line, is equal to the sum Rk, + ko. 

From the foregoing it is clear that the constants under dis- 
cussion characterize the capacity of the discharge to eflect a 


To vacuum pump 


fly 


lo sewerage system 


(6) 


Fig, 11.3. Schematic of apparatus for the electrocracking of methane at low- 
ered pressure: 


(a)—scheimatic of the technolosical section of the apparatus: J, 5, 6, 12. 14, 17—valves; 

2—diaphiragm; 8— differential manometer; ¢-manometer; 7—gas header; 8—reactor; 9—T-jo- 

int; 7@—cooler; /i—gas serbber; 13—hvdraulic seal; /5—sampling for analysis; /o—high 

voltaze oi three-phase current; (3)—circuit diazrain of electric instruments: /8—rheostats; 

19— measuring bank of the primary circuit; 27— power transtormer; 2/—to the measuring trans- 
former HOM-); 22—current lransforiner; 23—reactor. 


chemical conversion per unit energy consumed. In connection with 
this, it has been suggcsted that these constants be termed the 
energy eilficiency of the chemical action of the discharge. 

Figure 11.2 compares the results of calculations made by means 
of formulas (11.4), (11.5) and (11.6) with experimental data on 
the electrocracking of micthane to give acetylene. In this case, 
experiments have been conducted inathree-phase arc at lowered 
pressure which ranged, in dilierent scries of cxperiments, from 
40 to 150 mm Hg. The diagram of the enlarged apparatus used 
in this case is shown in Fig. 11.3. 
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The current o] the are ranged from 0.5 to o A and the distance 
between the electrodes Irom 55 to 18 cm. In spite of this variety 
of experimental conditions, the experimental data, which are pre- 
sented in the form of the dependences of the total degree of con- 
version of methane A, the extent of conversion to ‘acetylene Y 
and the energy consumption per 1 nm? of acetylene, a, on the 
specific energy U/u (Fig. 11.2) are satistactorily described by for- 
mulas (11.4), (11.5), and (11.6). 

The constants determined from the experimental data in this 
case are equalto: k; = 0.317; ko = 0.026; k3 = 0.058 m3/kW-hr. 

The total energy cificicncy of the discharge for the conversion 
of methane, ie, the sum (&; + f2) is equal in this case to 
0.343 m?/kW- hr. 

The variation of the pressure of the gas in which the discharge 
burns, may lead to the transformation of one form of the dis- 
crarge to another (the elow to the arc discharge, etc.). These 
changes of the discharge “shape, in their turn, lead to the change 
of its energy cificiency with respect to a particular chemical reac- 
tion. This is one aspect of the problem, which undoubtedly de- 
Serves a special study. On the other hind, one can speak of the 
effect of the pressure on the course of the reaction provided 
that a given shape oi the discharge (say, the arc) is not changed. 
It, by varying the pressure of methane, the change of the dis- 
charge configuration is ignored, both the positive and the nega- 
tive ‘effect of the pressure on the course of the electrocracking 
reaction may be observed. For example, as has already been 
mentioned, the increase of the pressure from very small values 
at low current values results in a quite considerable increase 11 
the energy efficiency. But when the pressure increases further, es- 
pecially at high current values, i.e., under the conditions of utinost 
practical importance, a diffcrent situation probably obtains. 

A study of the electrocracking process conducted in a quite 
dillerent type of apparatus, which makes it possible to carry out 
the process at pressures up to 760 mm IIg and higher, has shown 
a significant decrease of the energy efficiency of the discharge. 
Thus. at pressures 70-100 mm He it has been found that k;, a 
+ ky = 0.373 m/kW-hr, i.c., a value that practically coincides 
with the previous one. At a pressure close to 760 mm Hg the 
efficiency decreascd almost twice: hk; + ko = 0.196. It is interest- 
ing to compare this phenomenon with the considerable accelera- 
tion of the thermal conversion of methane into acetylene with 
decreasing pressure. Thus, the energy elficiency of the discharge 
may be regarded as a constant that characterizes the electrocrack- 
Ing process under given conditions (pressure, a high-voltage arc). 

The effect of an impurity of hydrogen in methane on tlie elec- 
trocracking process has been studied at various pressures and 
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with various discharge configurations. It has also been investi- 
gated at atmospheric pressure in a single-phase a-c arc in a ftab- 
oratory reactor. The starting materials used were concentrated 
methane (93-96 vol. per cent of CH,) and mixtures of methane 
and hydrogen in the following proportions: CH,/H2 = 69.4/27.2; 
59.1/37.2, and 48.4/48.4. The results obtained (Fig. 11.4) snow 
that the overall extent of conversion of methane A is, independent- 
ly of the hydrogen concentra- 
tion, a function of the so-called 
reduced specific energy U/uv. 


e) 
iS 
S .. ae This energy is defined in this 
ae case as the ratio of the dis- 
CN OF charge power to the rate of How 
GOP of of methane or, what is the same 
SOME 39 thing, to the total flow rate of 
S  03- a 3 the mixture, v, multiplied by 
— 0.2|- +4 the volume fraction of methane 
S gy in the mixture. 
we pt : oo The curve in Fig. 11.4 has 
F234 567 69 UH heen calculated by formula 
Meduced specilie energy (11.4) with the appropriate re- 
Yen, War ym placement of the total specific 


, energy by the reduced energy. 
Fig. 11.4. The degree of conversion 5 ‘ eee 
of methane versus the reduced spe- It has been found that the sum 


cific energy for different amounts of of the kinetic constants, R,--ko, 


hydrogen in the original mixture is equal to 0.184 mé#/kW-hr. 
vol. % CHy vol. % Hs Thus, it turns out that the 

I 93-96 0 energy cificiency oi the = dis- 

2 OMe a5 charge, ic., in accordance with 

4 48.8 48.4 relation (11.9) the amount of 


methane converted per unit 
quantity of consumed encrgy at U/v — 0, does not depend on the ex- 
tent of dilution of methane by hydrogen. In other words, hydrovea 
is, so to say, a quite inert diluent which does not itself require 
energy. In fact, considerable quantities of discharge energy are 
consumed, say, for the dissociation of hydrogen molecules inio 
atoms, but probably this energy is further used in some way for 
the cracking reaction. 

We have just described cases where the specific energy deter- 
mines the course of reaction unambiguously. This, however, refers 
to the well-defined discharge of a definite type and is not alwavs 
observed. It happens that the change of the specific energy, sav, 
as a result of an increase of the discharge power or of a chance 
in the condition of the electrodes, etc., leads to a different dis- 
charge configuration, which has a substantially different efficiency 
with respect to tne reaction under study. In other words, in such 
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cases the specific energy criterion is insulficient for describing the 
kinetics. An example is the curve of the total extent of conversion 
of methane versus U/v, which has been obtained in experiments 
with mixtures of methane and ethylene (1:1) at a pressure of 
18 mm He and a current ofl 


about 160 mA (Fig. 11.5). As A, 

seen, the function A = [(U/v) 0 to 
for ethylene is described by a G0 |- a 
single general kinctic _ first- 60 . ot MGR 6 
order curve (11.4) with Ak, + uo cae 2 ---T 
+ kp = 0.500 litre/W-hr. At ont ZO ’ 
the same time, on the A curve Le- BO 
for methane there is a kink due OD u 6 8 10 12 19 13 44 
evidently to a change in the Whrllit 
discharge efficiency. Perhaps, Uj, Whrflitre 

the increase of the efficiency is Fig. 11.5. The degree of conversion 


the result of the change in the 
condition of the walls of the 
discharge tube and of the elec- 


of methane and ethylene in the mix- 
ture versus the specilic energy (P= 
= 18 mm Hg): 


J—degree of conversion of ethylene: 2—de 

gree of conversion of inethane: 3 and 4—over™ 

all conversion of methane calculated from 

the averave valites of (A; +2) tor two series 
of experiments. 


trode surfaces (the deposition 
of carbon). The experimental 
data are described by two 
first-order curves (shown by 
dotted lines) corresponding to the constants which have the fol- 
lowing values: Rk; + ko = 0.0387 and k; + ky = 0.060 litre/W-hr. 


11.3. Kinetics and Mechanism of Reactions Involving 
the Conversion of Hydrocarbons 
at Low Pressures in the Glow Discharge 


The data given earlier on the kinetics of conversion of methane 
refer mainly to the shapes of the discharge (an are and a glow 
discharge at a high current) when the major product is acetylene. 
These conditions are of interest from the practical point of view 
but are not suitable for the study of the intermediate steps and 
the mechanism of the reaction. 

A study of the kinetics of the conversion of the simplest hydro- 
carbons—acctylene, ethylene, and cthane (0.7-1.7 mm Hg) and 
methane (up to 3 mm Hg)— in a glow discharge at low pressures 
has been carricd out on the apparatus shown in Fig. 11.6. The 
reaction products were condensed as soon as they left the dis- 
charge tube in traps at the temperature of liquid nitrogen and 
were subjected to chromatographic analysis. 

The Kinetics of Conversion of Acetylene. Figure 11.7 is a pilot 
of the overall extent of conversion of acctylene, Ac,H, versus the 
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specific energy. The solid curve is calculated by the equation 
Nowy, = 1 — eT (11.10) 

that is, by the first-order law with an average value of ky = 

= ().0855 litre/‘W-hr. As can be seen, the calculated curve coin- 


cides satisfactorily with the experimental data. The reaction pr”- 
ceeds rapidly and is accessible tor study only at the lowest cuirent 


Mtgh voltage 


> <<. 
Star tung 
hydroca PAL 


Fig. 11.6. Schematic of apparatus for reactions of conversion of gaseous 
hydrocarbons in the low-pressure glow discharge: 

i—discharge tube; 2—electrodes; 3—Mel.cod pressure gauge; ¢—container for storaze of 

pure hydrocarbon: 5. 9, 7-—-manometers; S-rheoneter; 9 10, ff—system for purincation of 

hydrocarbons; /2, 13, /4, (5. 18—traps cooled ty liquid nitrogen: /7—sampling of the conden 
sate delivercd from traps for chiomatovraphic analysis. 


used (32 mA). The main products of the conversion of acetylene 
are solid polymers having a brown colour. Among the gaseous 
products were ethane, ethylene (the extent of conversion y does 
not exceed 0.1 per cent), small amounts of propane and propyl- 
ene, and also the gaseous derivatives of acetylene (more than 10 
in number). 

The kinetics of the conversion of acetylene in mixtures with 
hydrogen (CoHe/Hy, = 1:1, 1:1.8, and 1:5) has also been siud- 
ied. The experimental data are also satisfactorily described by 
first-order equations of the same form as expression (11.10) on 
condition that v= vc,y,, 1. e., is the partial flow rate of acety- 
lene (litre/hr under normal conditions). In the case of the createst 
dilution (1:5) the second-order constants exhibit better constaney, 
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If we compare the reaction rates for the first-order constants, 
then, on the basis of the values k, = 0.0085 (undilute acetylenc), 
k; = 0.065 (1:1), 24 = 0.050 (1:1.8), and ky = 0.031 litre ol 
CoH2/W-hr (1:5), we may speak of the retardation of the decom- 
position of acetylene by hydrogen. This accounts for the preseiice 
of acetylene under the conditions of the electrocracking of methane 
when the acetylene formed is dilute—per one volume of acety- 
lene there is produced a minimum of 3 volumes of hydrogen. In 
experiments, when the dilution with A, °% 

hydrogen reached 1.5, the amount of a 


hydrogenation products, especially of "7 a 2 
ethane increased appreciably (Yo, 80 ) 
5 per cent); yo1,,@3 per cent. The 60 
amounts of propane, propylene, and up 
gaseous derivatives also increased. 
The Mechanism of Conversion of 20 


Acetylene. In discussing the mechanisin 

of the conversion of acetylene, one takes 5 10 15 20 20 

into account that in a glow discharge U/y, Whr/litre 

at low pressures, which is characterized 

by the presence of high electronic and Fig. 11.7. The degree of con- 

low molecular’ temperatures, there the sve of acetylene versus 
te e specific energy. The curve 

are created favourable conditions for pag been calculated from the 

the formation of considerable amounts average value of & = 0.086 li- 

of free radicals and atoms. In the case tre/W «hr. 

of acetylene, two pathways are pos- 

sible for tielecomposition of molecules excited by electron im- 

pacts: 

(1) CoH. —> CoXH+H AA? =113-115 kcal/mole 


(2) CoH, — >» 2CH AH? = 230 + 2 kcal/mole 


Both reactions are strongly endothermic, but reaction 1 is more 
probable and may well become the primary step of the process.* 
Atomic hydrogen in its turn can enter into interaction with the 
starting acetylene: 

(3) CoHe +H —> CH, 
(4) CoHe +H —> CoH+ Fle 


Under the conditions studied, reaction 4 plays, evidently, a more 
important part than reaction 3, which leads to the hydrogenation 
of acetylene since the hydrogenation products—ethylene and 
ethane—were dctected in negligible quantities. The radicals Coll 
resulting from reactions 1 and 4 enter further into reaction with 


* It should be noted that under similar conditions there occurs, for example, 
the dissociation of hydrogen into the atoms with A#7° being equal to 103 kcal/mole. 
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acetylene, this reaction leading eventually to the polymerization 
of acetylene: 


(5) CoH + Colla ——> C,H; 
(6) C,H3 + CoH. —> C,Hs, ete, 


They can, to a certain extent, participate also in the formation 
of diacetylene found among the reaction products: 


2CoH — C Ho 
Further decomposition is also possible 
2CoxH —-> 2C, -+ H2 


under the influence of clectron impacts: particles of Cy were de- 
tected spectroscopically in the reac- 


Aco,” / tion of acetylene in the discharge. 
1ogt- By choosing the most probable 
; On mc O processes for kinetic calculations we 
80 | obtain the following list of reactions 
} o | for the mechanism of the conversion 
G0 |- A? of acetylene undiluted with hvd- 
e3 rogen: 
a 4 , : 
05 (1) CsHe mire CoH-+H 
4 5 


(4) Cop +H —> CoH +H, 


R., 
Ulu Whr/ litre (5) C,H+ CoH, —> GuHg 
Fig. 11.8. The degree of conver- (7) H Ry = He 


sion of ethylene against the spe- 
cific energy at various cur- 


rents (mA): Here it is supposed that the re- 
I, mA f, mA combination of atomic hydrogen oc- 
{—350 foie curs predominantly on the wall since 
em17g 38 under the conditions of low pres- 


The curve has been calculated from sures the triple collision required 
the average vane fant SFr for the recombinationof the hydrogen 
atom in the bulk is hardly probable. 

The application of the steady-state method gives the following 


expression for the overall rate of the conversion of acetylene: 


__d[CoH9] ky [CoHe] 
dt 


= 2h [Colo] ( T Ei CoHe] + kr 


) mw Ak, [CoH] (11.11) 


If it is assumed that k7 is substantially less (for the case of 
concentrated acctylenc) than the product ky[CoH], then we 
have the first-order conversion of acetylene observed in practice. 
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The hydrogen added to acetylene in the glow discharge disso- 
ciates intensively into atoms. 

It may seem that the presence of atomic hydrogen must have 
increased the role of reaction 4, which would have led in the 
long run to an increase of the rate of decomposition of acetylene. 
Experiments, however, show the converse to be true. The point 
is probably that in the presence of a high concentration of hydro- 
een atoms the following reaction proceeds readily and rapidly: 


(8) CoH +- H —> Cole 


which regenerates acetylene. This reaction competes with reac- 
tion 5 which leads to the end products. In other words, there 
occurs the recombination of hydrogen atoms on acetylene. 
Thus, according to the supposed mechanism, the conversion of 
acetylene diluted with hydrogen may be described by the follow- 
ing reactions: 
(1) CoH, —> CoH+ HI 
(4) CoH. +H — > CoH + Ho 
(8; CH+H —> C,H, 
(0) CoH + CoH. —-> C,H; 
(9) H, —~> 2H 
(7)H —» os 
Applying the steady-state method, we obtain the following ex- 
pression for the rate of conversion of acetylene: 


ad [CoH] | 2k R4 [CoH] + Rikz +. k4Rg [He] 
— a = 4ks 2) eee | 
dt ks [CoHal" | Sik. (Hol + Dhake [CoH]? + sk; rE | (11.12) 


At high concentrations of [He] the main part both in the nume- 
rator and in the denominator is played by the terms containing 
the hydrogen concentration; the remaining terms may be neglect- 
ed. In this case, a second-order equation obtains: 


— d[CoHy] _— 2ksky 


2 
= j (Cathe) (11.13) 


which is exactly observed in experiments. 

The Kinetics of Conversion of Ethylene. This process has been 
studied at current values 32, 75, 125, 175, 225, and 350 mA. Fig- 
ure 11.8 is a plot of the overall extent of conversion of ethylene 
versus the specific energy. As can be seen, the data for all the 
currents used lie on a single curve calculated by the first-order 
law [Eq. (11.10)] with an average value of the constant k; = 
= 0.046 litre/W-hr. Only the points that correspond to the lowest 
current (32 mA) deviate appreciably from the calculated curve. 
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The main gaseous product of the reaction is acetylene; apart from 
acetylene, there are also formed ethane, propane, propylene, and 
methane. A considerable polymerization of ethylene was also ob- 
served: from 10 per cent at low values of U/v to 80 per cent at 
high values of U/v. 

As has been shown by a study of the kinetic curves, the best 
agreement with experiment is exhibited by the following kinetic 
scheme of the reaction: | 


kg 
| iy ky . 
‘C,H, —~> C,H, -——~> volta products, H,CH,, C,H, C,H, 


kg ke 
C,H, 


Taking into account the experimentally determined first order 
of the conversion of acetylene, ethylene, and ethane (see below), 
we write a system of equations for the rates of formation-decom- 
position of these hydrocarbons: 


d [CoH / 
— ASAT (5 + bes + hy) [CoE] (11.14) 

AIC es [CoHy] — Ba [CoH] (11.15) 

d [CoH / 

Cael ky [CoHy] — &g [CoH] (11.16) 


A solution of these simultaneous equations after appropriate 
rearrangements and the substitution of U/u tor ¢ yields the fol- 
lowing expression for the extents of conversion: 


l —_ Ac.H, = @ ° (11.17) 


—e (11.18) 


be ~a, ~a, & 
— (, 8 Le =) (11.19) 


where a3==k3-+ Ro + ki, a4== kag and ag= ks are the rate constants 
for the overall conversion of ethylene, acetylene, and ethane, res- 
pectively. 

Figure 11.9 shows, as an example, the curves for a current of 
125 mA, which have been calculated by Eqs. (11.17), (11.18) and 
(11.19) with the experimentally found constants: a, = 0.013, 
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a3; = 0.043, and a, = 0.030 and also with the following values 


chosen: hk = 0.030, Ro —=— 0.009, and a 


0.004. As can be seen, 


the experimental data lie well on the calculated curves. Attempts 
to calculate other schemes, in particular, the scheme which does 


not take into account the direct coriver- 
sion of ethylene into the end products 
with the constant 5, have failed to de- 
scribe satisfactorily the experimentally 
obtained relations. 

The Mechanism of Conversion of 
Ethylene in a Glow Discharge at a Low 
Pressure. In considering the values of 
the constants describing experimental 
data, one can see that the principal path 
in the decomposition of ethylene is the 
reaction of formation of acetylene. Be- 
sides, the overall conversion of ethylene 
proceeds by first-order kinetics. To this 
there corresponds the molecular path- 
way of formation of acetylene, the re- 
actant molecules being activated by an 
electron impact: 


< ‘ 
1) C,H, +e —> C,Hy+e 
C,H, —»> C,H,+H, 


We imay suppose that the formation 
of ethane, which is described by a lower 
rate constant, takes place by way of a 
stepwise hydrogenation of ethylene by 
the atomic hydrogen resulting from the 
dissociation of hydrogen molecules or 
from any other process: 


(2) CoH, +H —»> C2Hs 
(3) CoHs +H —~> CaHe 
As regards methane, because of the 


lack of experimental data it is difficult 
to say something definite about the 


(, °7o 
100 


gO Oe, 
| 


a 


20 640 G0 
U/y,W-hr/litre 


Fig. 11.9. The degrees of 

conversion of ethylene into 

the end products versus the 

specific energy (/ = 125 mA). 

The curves have been calcu- 

lated by the scheme given 
on page 314: 


1—(1— Ac Hy): 2—VCoHo: 
3— VCoHe: 


mechanism of its formation. Evidently, the radicals CH3 which 


could be formed in the reaction 


(4) H+C.H,; —» 2CH, 


recombine further with atomic hydrogen, the molecules formed 
being stabilized at the wall since a triple collision is hardly prob- 
able under the conditions of our experiments. 
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The presence of propane and propylene in the cracking pro- 
ducts can be explained by the following reactions: 
(5) CH; + CoHs —_—-> C3H, 
(6) CH, - CoH; —> C3H, 
The radical Call; may result either from the direct dehydroge- 
nation of the ethylene molecule excited by an electron impact 
(7) C,H, —> C,H,+H 
or irom the reaction 
(8) CoH, + H — > CoH +- Ho 


Besides, in considering the kinetic curves of Yo, and Voy, it 
may be supposed that propylene is formed by way of dehydroge- 
nation of propane: 

(9) CsH, —+> C3He + He 
Since in the zone of the glow discharge at low pressures there 


may take place the various energy conditions and the ethylene 
molecules may be activated not 


4% only by a collision with elec- 
{5 oe trons possessing various energy 
reserves but also simply by 

ie C,H, C,H, thermal means, along with the 


above-indicated reactions there 
may also occur the molecular 
| polymerization of ethylene by 
ou (00 190 second-order kinetics. 
Uy, A-hrflitre The Kinetics of Conversion of 
Fig. 11.10. The degrees of conversion Ethane. The kinetics of the COT: 
of ethane into various products ver- Version of ethane have been 
sus the specific energy; /=350 mA. studied at the same current va- 
lues: 82, 75, 125, 175, 225, and 
350 mA. The major product here is also acetylene. Besides, there 
are formed methane, ethylene, propane, propylene, and also solid 
and resinous products. The degrce of conversion of ethane in these 
reactions is several per cent in experiments with low current 
values and amounts to 70-80 per cent at high currents and de- 
grees of overall conversion of 80-90 per cent. 

Figure 11.10 presents the experimentally found dependences 
(at 350 mA) of the degrees of conversion y of ethane to acetylene, 
ethylene, propane, and propylene on the specific energy. As can be 
seen, all y pass with increasing U/v through a maximum. The 
dependence of the degree of overall conversion of ethane on the 
specific energy (not shown in Fig. 11.10) is expressed by two 
curves: one for high and the other for low currents. Thus, the 
function A = f(U/v) is not unambiguous. Equation (11.10), which 


N 
qx 


ae Co Hy 
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is first order, is well justified at high current values. For a kinetic 
description of the conversion of ethane the following scheme has 
been established: 


ky 


“kN 


kK, . ’ ’ 
C,H, ——> C,H, — > Solid products, Ho, CjHy, CyU,, CH, 


k., IM ky 


Setting up the rate equations by the first-order law for the 
formation-decomposition of ethane, ethylene, and acetylene [similar 
to Eqs. (11.3), (11.4), and (11.5)], and then integrating, we obtain 
tiie dependences of the degrecs of conversion on U/u: 


a, U- 
I don, =e ° (11.20) 
U 

ko ( ar a4 - 
Vola ~ @y — ary . — © (11.21) 

ro = _ oO by — 3 — ay = 

Yeh "61 (as a(ai— a) (aay 
a4 — 

Io — Ay ~~ oT 

(a4 — Gy) (a, — ay) ° (11.22) 


in which ay, a3, and a, are the constants of the overall conversion 
of ethane, ethylene, and acetylene, and 


Rok, 


he re) 


bo = a3 + 


In calculations by means of formulas (11.20), (11.21), and 
(11.22) use has been made of the experimental values of a. and 
Q3, a4; k3 and yg are taken from tne calculations of the decomposi- 
tion of ethylene, and the valucs of ko, ks, and kg are chosen so 
that their sum is equal to the experimental value of ag. 

As seen from Fig. 11.11, the curves calculated, as an example, 
for 350 mA are in good agreement with the experimental points. 
The curves shown in Fig. 11.11 have been calculated by using the 
following values: 


dy = hy + ks t+ ky =0.018; a3 =k3 + ky = 0.05; 
ky=a,;=0.02; kyp=0.005; kg =0.006; ks = 0.007; 
k,==0.03 and ko =0.02 litre/W-hr 
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Calculations have been carried out according to other sciiciies 
as well, in particular, according to the scheme in which acetylene 
is entirely formed trom ethane via the intermediate formation 
ol ethylene (#3 = 0). liowever, no matter what values of the 
constants were taken (exeept the negative values) no agreement 
with the experimental data could fe 
achieved. The calculations of the 
scheme without the constant k, have 
failed cither. Therefore we may pre- 
sume that the above-given scheme 
reflects the actual sequence of coi-~e- 
cutive-paralle] reactions of conversion 
of hydrocarbons in the decomposition 
of ethane in the electrical dis- 
charge. 

Discussion of the Mechanism of Con- 
version of Ethane. The following activa- 
tion processes taking place on collisions 
U/u,Whr/litre with electrons are thought to be the 

most natural: 


Fig. 11.11. The degrees of 


conversion of ethane into < 
the end products versus spe- (1) Cals + e > 2CHs3 + e 
cific energy (= 350 mA): Alf = 86 +2 kcal/mole 
I~ ('~ Soon)’ VC oH’ < 
8—VooHy The curves have been (2) CoH; +e -——~> C.H;+H+e 
calculated by the scheme given 
on page 317. AH =97 +1 kcal/mole 


The atomic hydrogen and the radical CHs resulting from these 
reactions interact with the starting ethane molecules: 
(3) H+ CeaHs —>» CoHs + Ho 
(4) CH, + CoH, —» CoH, + CH, 


which again give rise to ethyl radicals and methane, the latter 
being found among the reaction products. The activation energies 
of reactions 3 and 4 do not exceed 8 kcal/mole according to the 
data obtained by Steacie. 

The formation of ethylene may occur as a result of the further 
excitation of the cthyl radical in the discharge and its decomposi- 
tion according to the equation 

(5) CoHs+e —> CoHy+H+e 

The heat of this reaction is about 40 kcal/imole, and the energy 
of activation does not probably exceed 43 kcal/mole. The possibi- 
lity is not excluded that the ethylene can be formed by the mo- 


lecular dehydrogenation of ethane: 
(6) CoHe —_—_> CoH, +- Ho 
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which has been noted by some authors who have studied tie 
thermal decomposition of this compound. 

The “direct” formation of acetylene is passible by the following 
reactions: 


(7) CoHs-e —> CoH; +H, +e 
< 
(8) CoH, + e -> CoHo | HW +- 4 


the preceding activation of the radicals taking place as a result 
of electron impacts. 

Neglecting all the reactions involving two radicals because of 
their small concentrations as compared with the starting ethane 
and taking into account the recombination of hydrogen on the 
wall, we obtain a series of reactions describing the mechanism 
of the conversion of ethane: 


CoHs+e —'> 2CHy +e 
CoH;-e —> CH;+H+e 
H+ C.Hs —'> CoHs+ Hp 
CH,;-+ C,H; —!> CsHs + CH; 
C.H,+te —> CoH;+H+e 


Rg 


C.H;+e —°> CoH,;+H,te 
CoH,+e —’» CoH +H+e 


Rig 


I 
H —> — He 


The main part in this mechanism is played by the activation 
of molecules and radicals by an electron impact with the subse- 
quent decomposition of the excited particles. The application of 
the steady-state principle to the reactions listed gives the follow- 
ing simple expression for the rate of decomposition of ethane: 


Ry + Re 


= (3k, + ke) [CoHe] + 2k: hi, 


— fit [CoHe]? 

Thus, depending on the reaction conditions, the reaction may 
proceed either by first-order or second-order kinetics. 

The Kinetics of Conversion of Methane. The kinetics of the con; 
version of methane have also been studied at current values 32, 
75, 125, 175, 225, and 350 mA. Experiments have been carried out 
at low (1.2-1.8 mm Hg) and higher pressures (about 3 mm Hg). 
The major products of the conversion of methane are ethane, 
acetylene, ethylene, propane, propylene, and solid substances. 
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Figure 11.12 shows the curves of the degree of conversici y 
of methane to the various products versus the specific energy, 
which have been obtained at a current of 225 mA. The principal 
conclusion following from this graph and those similar to it at 
other current values consists in that the main gaseous product 
eo] the conversion of metkane ts ethane, The Voor, Curves pass 
through a maximum with increasing spccific energy; the position 
of the maximum shilts with decreasing current to the side ol 
large U/v, and its height increases, reaching the value y = 23 

per cent. Thus, under the 
“fo conditions studied almost 
20/- one-fourth of the starting 
methane is converted into 
ethane. Acetylene is only sec- 


ee C2He ond in importance. The de- 

=. Pte ey L2Hy grees of conversion to acety- 
0 4o 80 129 169 200 519 lene, Vou44. versus the ratio 
Ulu, W-hr/litre U/v also pass through a max- 


imum, but in contrast to eth- 


Fig. 11.12. The degrees of conversion ane, the maximum yields in- 


of methane into the end products ver- . th j , 
sus specific energy (P=1.2-1.3 mm Hg, Crease With increasing Cur- 
[ = 225 mA). rent strength. The highest 


value of Veo under these 


conditions does not, however, exceed 16 per cent. Nonetheless, with 
increasing current, i.e., the discharge power, there is a tendency 
for the ratio to change to the side of predomination of the acety- 
lene yield. This observation has also been confirmed by experi- 
ments carried out at a pressure of 3 mm Hg. Here, with equal 
current values the voltage on the electrodes increases considerab- 
ly, and so does the discharge power. The main product is acety- 
lene. As known, at still higher pressures (28-36 mm Hg) ethane 
does not practically appear among the reaction products. Return- 
ing to Fig. 11.12, we note that the amount of ethylene in tne 
reaction products is much less than that of ethane and acetylene. 
The height of the maximum of the curve of Y¢,,,, versus j(U/v) 
falls froin 4.5 per cent at 350 mA down to 1.7 per cent at 32 mA. 

Thus, the conditions studied are favourable for the formation 
of ethane. It may seem that at least here the kinetic scheme of 
consecutive conversions is realized: 


CH, = CoH, z= CoH, —— CoHe —— C+.H 


which was proposed by Kassel in 1930 and has been used in a 
number of works up to the present time. But actually this is not 
so. Even a comparison of the yields of ethane and ethylene con- 
firms the possibility of their independent formation. Attempts 
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to describe in detail the dependences of the degrees of conversion 
of methane to the main products on the specific energy lead to 
the following scheme of consecutive and parallel reactions: 


ke 


k kt 
CH, —> Gl, Ke C,H, —= Solid products, H,, C3H,, CH 
Ne lf Yo 


Methane reacts, according to the same scheme, in three parallel 
directions: the conversion to ethane (k,) and the “direct” con- 
versions, i.e., without the formation of stable intermediate pro- 
ducts, to ethylene (k7) and acetylene (As). The conversions of the 
resulting ethylene, ethane, and acetylene formed are supposed to 
be analogous to the conversions described earlier in the kinetic 
schemes established for the reactions of these hydrocarbons. 

Assuming the kinetic first order for all the reactions, we write 
equations for the reaction rates: 


— STE = te, + Rs + 7) [CH4] (11.23) 
d[CoHs] 1 
CO ky (CHy] — (Ae + Re) [CoH] (11.24) 
A1Caiad = hy [CH] + ke [Coo] — (ks + 5) [CoHa] (11.25) 
oie > ks [CHs] + &e [CoHe] + £3 [CoH] — &s [CoH] ... (11.26) 


The solution of this system of equations gives (upon replace- 
ment of ¢ by U/v) the following expressions for the degrees of 
conversion of the hydrocarbons: 


ag, 
1— Ach, =e . (11.27) 
Lok ( -a a & 

_ _ I U __ U 9 

Yoo. — 9 Qo — ay € e ) (11.28) 
=; ( oo 28 by — a2 ~ Oa 
You = 3 "7 \(ay— ay (as — ai) © + = az) (as aa) ° + 
by — Qy e) 

+ T—___ —_,, (a; — a3) (az — a3) — a3) (a2 — a3) ° (11.29) 


11—-% 
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. U 
YO,H2 @ Rs _— _ _ 7 & +- 
2 (ag — Q;) (3 — Q;) (ay — 4) 
U 
a’ — Az), + by — a2 —— as — 3b, +h, —a,— 
+ —__—_—_—___————————- e + 
(a; — Ag) (a3 — Ug) (Ay — aa) (Q,; — @3) (Ag — G2) (ay — a3) 
2 , LY 
a, —a,b, + b. —u4— 
4 ——__*__-#- le ) (11.30) 
(a; — Q4) (@2 — Q4) (a3 — 4) 


Here the following notations are used for the rate constants 
of the overall conversion of meihane, ethane, ethylene, and ace- 


ty lene: 
a,=k+eRs +. kz, Qo = Ra + Rg, 
fr 
Ag = Ry + ky and a,=k;, and b5 =Qo+ a . 
7 
¢ R3k Riky Ruki 
6b, ==ag + a, + Ritts + Rskr by = bolts + LUE EG2 Rokr 9 


ks 


R5 


Formulas (11.27), (11.29), and (11.80) have been used to cal- 
culate the curves of the disappearance of methane and the varia- 


2U 4&0 Gd 680 00 
Ui. hr/letre 
of e? 33 


Fig. $1.13. The degrees of conver- 
sion of methane into the end pro- 
ducts against the specific eneryy: 


1—Voy 2—V¥C.Hy 3¥C.H, Phe dot 


ted curves have been cale:lated according 
to the scheme given on puve 321. 


used, no agreement 
curves could be achieved. 


between 


tion of the degree of its conversion 
versus the specific energy U/v. An 
example of the calculations made 
is given in Fig. 11.13. The values 
of the constants used are present- 
ed in Table 11.1. 

As can be seen trom Fig. 11.13, 
the calculated curves agree quite 
satisfactorily with the experimen- 
tal cata. 

Attempts have also been made 
to calculate other schemes of 
conversion of methane (in parti- 
cular, the Kassel consecutive 
scheme), schemes that do not in- 
volve 4&5, k-, or Akg. But, no matter 
what values of the constants were 
the experimental and calculated 


Thus, under the conditions studied there exist 4 paths for the 
forination of accty!ene from methane: 

(1) “directly” from methane (with the constant 5); 

(2) via cthane, no ethylene being formed (with the constants 


Ry and Re), 


(3) from ethylene formed “directly” from methane (R; and ks); 
(4) via ethane and ethylene as intermediates (1, kz, and R3). 
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The calculations of ¥,,,, carried out by means of formulas 
corresponding to each of these paths, are presented in Fig. 11.14. 
As seen, the major part of acetylene in the electrocracking of 
methane even under the conditions favourable for the formation 


Te. Ho! So 
5 0 
10 
2 
) 
4 
O00 Go G0 80 100 


U/u,Whr/litre 


Fig. 11.14. Comparison of the various paths of formation of acetylene from 
methane by their contribution to the total degree of conversion into acetylene: 


O—the total curve according to the scheme given on page 321: 
Re k, R, Re Ry, Ry Rg 4 
1—CH, —> CoH2 — ; 2—CHy, —> Cog —> CoH, —> » 3—CHy —> CoHy —> CoH2 —> © 
Rk, k Ry Rk, 
4—CH, —> CoHg —> Colly —> CoHg -—> 


TABLE 11.1. The Kinetic Constants (litre/W-hr) Found for Reactions 
of Conversion of Methane in the Glow Discharge at Low Pressure 


Notation for constants yee nay ts oa He 
Q,;—R, -+- Rs +- ky ().028 0.044 
ky 0.0185 0.021 
ks 0.006 .- 0.016 
k, 0.0035 0.007 
Qo = Ro + Rg 0.018 0.009 
ko 0.008 0.005 
kg 0.010 0.004 
a,=k; + ko 0.040 0.020 
ke 0.030 0.020 
Rg 0.010 0.00:) 
ag=k, 0.020 0.004 
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of ethane, is formed by the first pathway which is probably asso- 
ciated only with unstable intermediates of the type of radicals or 
ions. Of somewhat lesser importance are the second and third 
paths and only a small proportion of acetylene, about one-tenth, 
is formed, even under the “mild” conditions studied, by the Kassel 
consecutive scheme, i.e., via ethane and ethylene. From the data 
obtained if also follows that under more “severe” conditions at 
increased pressures and current values the ratio of the rate con- 
stants in the scheme (page 321) varies in such a manner that the 
consecutive scheme becomes unimportant and the radical pro- 
cesses of “direct” conversion of methane to acetylene begin to 
play the dominant part. 


11.4. Synthesis of Nitric Oxide from Air 
and Nitrogen-Oxygen Mixtures. 
Decomposition of Nitric Oxide 


The kinetics of the reversible reaction 
No +O. = 2NO 


in an electrical discharge was first studied by Vasiliev, Kobozev, 
and Yeremin. 

The derivation of the basic equation may be given as follows. 
Let x be the concentration of nitric oxide; the slightly varying 
concentrations of nitrogen and oxygen are included in the con- 
stant k, because of their smallness; y is the kinetic order of the 
decomposition of nitric oxide. Then 

ax 


——_ = — V ‘ 
rT, k,U — koUx (11.31) 


Experiment shows that in most cases the first order of the de- 
composition of NO is better justified, i.e, y= 1; in other cases 
y = 2 is more consistent with experimental data. On the assump- 
tion of second order the integration of Eq. (11.31) at constant 
power U leads to the following result: 


! (Ge) + T* 
ey ey 
—2 (k, ik Ut 


x= G )": 
Il+e 


koUt = (11.32) 


or 


(11.33) 
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Replacing, as before, the reaction time ¢ in Eq. (11.33) by 
l/v (hr/litre), we finally get 


| —2 (hyke)'!2 — 
,=(2t)*.-=* ___y no (11.34) 
Re 9 (eke 
l+e v 


This equation is consistent with the limiting conditions that 
characterize the experimentally found dependence of the percent- 
age of nitric oxide on the specific energy. Indeed, for the case 
where U/v — oo we have 


Ve 
(4 NO) = tao = (>) (11.35) 


that is, a stationary state is attained, which is characterized for 
the curves / and 8 in Fig. 11.15 by the values 11.4 and 8.3 vol. 


NO moles/KWejr NO volume per cent 


2 4 6 B 10 12 1416 16 20. 
Specific energy, Whr/titre 


Fig. 11.15. The dependence of the concentration of nitric oxide (curves J and 3) 
and of the energy yield (curves 2 and 4) on specific energy. 


per cent of NO. It can be shown that at low specific energies x 
is approximately equal to k,(U/v), i.e., is proportional to U/v 
according to Fig. 11.15. To calculate the constants, it is necessary 
to know at least two points of the curve. The steady-state con- 
centration gives, in accordance with expression (11.35), the ratio 
k, ko. Substituting this ratio into formula (11.34) and using the 
known concentration at any intermediate value of U/u, we find kp. 
Thus, for the data of Fig. 11.15 the following values have been 
obtained, on an average, 


Composition of the original mixture 2; ko 
50 vol. % Os-+ 50 vol. % No. ... 2.58 0.0199 
Air . ww ww ee ee 1.88 0.0273 


It is these values of the constants that have been used to cal- 
culate the curves of Fig. 11.15, which agree satisfactorily with the 
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experimental points. The curves 2 and 4 showing the dependence 
of the energy yield on the specific energy were calculated from the 
relation 

X 


2.24 (—) 
U 


It should be noted that the values of the constants and steadv- 
state concentrations of nitric oxide given here are characteristic 
only of the given experimental conditions. Under other conditions 
there may be obtained other values. For instance, in a wider dis- 
charge tube the stationary concentrations, i.e, the values of 


(k,/ Ro)”, are smaller. This is probably indicative of the great part 
played by heterogeneous processes in a narrow discharge tube. 
Besides, the stationary concentrations of NO depend on the pres- 
sure and the current strength. 

Likewise, as has already been mentioned, the decomposition of 
nitric oxide in an electrical discharge proceeds more frequently by 
first-order kinetics. In this case, integration of Eq. (11.31) leads 
to the following relation (after the replacement of ¢ by 1/v): 


U 
ky —ka —— 
x=—l1-—e (11.37) 
Ro 


In limiting cases at (U/v)— oo 


c= moles NO/kKW «hr (11.36) 


and at U/v—> 0 
i (11.39) 


that is, to large specific energies there corresponds the limiting 
concentration of nitric oxide. 

In the initial region, however, there exists a proportional rela- 
tion. 


11.5. Mechanism of Activation of Molecules 
in an Electrical Discharge 


The specificity of the chemical action of electrical discharges 
is first of all accounted for by the fact that the energy supplied 
to the discharge is concentrated in the electron gas in the initial 
stage of its transformation. Here, because of the large difference 
in mass between electrons and molecules, the energy transfer 
Irom electrons to molecules by means of elastic collisions occurs 
slowly. Therefore, the average energy of electrons may be con- 
siderably higher than the average energy of neutral molecules 
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and heavy ions. This difference between the average energies is 
sometimes characterized by ascribing unequal temperatures to 
electron and molecular gases, which is valid on the condition of 
the applicability of the Maxwell-Boltzmann distribution law to 
the electron gas. When the electron “temperature” is substantially 
higher than the molecular “temperature”, we speak of the nGn-iso- 
thermal plasma of the discharge in which there exist conditions 
for the formation of the superequilibriuim concentrations of the 
reaction products. An example is the formation of nitric oxide in 
concentrations of up to 11 vol. per cent 
(see Sec. 11.4), which are about twice y 
as high as the maximum possible 
thermodynamic equilibrium concentra 
tions. * 

The energy of the electron gas is trans- 
mitted on collisions between electrons 
and molecules, during which the latter 
are excited, ionized, and dissociated. 

It may be thought that the direct dis- 
sociation of molecules on collisions with 
electrons and the appearance of highly 
chemically active free atoms and ra- 
dicals plays an important part during 
reactions in an electrical discharge, es-— Fig. 11.16. Tie dissociation 
pecially at low pressures. Thus, the me- of hydrogen into norma! 
chanism of dissociation of hydrogen toms upon an electron Hm 
illustrated in Fig. 11.16 is believed to pas 
be very probable. An electron impact ** 
induces the electronic excitation of the molecule, which passes 
from the ground singlet state 'SJ to the triplet state “yy. For 
this to occur, an electron must have a minitnum energy of the 
order of 11.4 eV, which corresponds to the “temperature” 85,000 K. 
Since the reverse spontaneous transition is forbidden, there takes 
place an allowed transition of the molecule from the high level 
to the unstable state °S and then the molecule dissociates into 
normal atoms and radiates an excess energy. Thus, tor example, 
in a glow discharge at a low pressure and an average molecular 
temperature (about 800°), the degree of dissociation of hydrogen 
may reach stationary values close to unity. The equilibrium degree 
of dissociation of hydrogen is about 10-'® at 800 K. The process 


r 


* As the temperature mounts the equilibrium concentration of nitric oxide 
formed according to the equation N».-+ O2 = 2NO passes through a maximum 
due to the dissociation of O, and Na. 

** Quantum restrictions — the selection rules —are not so strictly obser- 
ved on electron impacts as in the absorption and emission of light. 
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of dissociation may be schematically represented by the following 
equation: 
H:--e —> H+H+e 


It may be supposed that a similar or closely related mechanism 
of “electronic activation” plays an important part in many cases. 
A direct indication is the kinetic first order which is observed in 
the diverse reactions taking place in electrical discharges. For 
instance, in the above-considered mechanisms of the conversion 
of hydrocarbons in a glow discharge at low pressures the slowest 
rate-controlling processes are the following reactions: 


CoH, +e —> CH+H+e 
C.H,+e —> CoH. +H, +e 
CoHs +e —> 2CH;+e 

CoHe te —> CoH +H+te 


The dissociation caused by an electron impact is also supposed 
to occur in the synthesis of ozone: 


Oo +e _> 20 +e 


and in the synthesis of hydrogen peroxide. However, this is not 
the only plausible mechanism of the chemical activation of mole- 
cules by the electron gas. At higher pressures there becomes 
probable a collision between electronically excited and normal 
molecules and an energy transfer by a collision of the second 
kind, which is accompanied by the generation of a vibrationally 
excited molecule or even by its complete dissociation. The me- 
chanism under discussion may be represented schematically as 
follows: 


< 
Ao te —> Ajt+e 
A, +B, — A,.+B <> B 


Or 
A: +B, —> A,+B+B 


Here A, is an electronically excited molecule; B <> B is a vibra- 


tionally excited molecule. 

The above scheme forms the basis for the “energy catalysis” 
in an electrical discharge proposed as an activation mechanism 
in the work by Kobozev, Vasiliev and Yeremin mentioned above. 

As an example of the energy transfer by a collision of the 
second kind may be cited the process that occurs in an electrical 
discharge in a mixture of argon and oxygen: 


Ar’ ?P) + O2 (2) —>» Ar ('S)+O0(D) + O('S) 
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when on collision with excited argon the oxygen molecule disso- 
ciates into the atoms. It is also known that the presence of mer- 
cury vapour sensitizes the dissociation of hydrogen molecules on 
electron impacts. For instance, in the absence of mercury, the 
dissociation is noticeable only with electron energies not less 
than 11.4 eV, and in the presence of mercury at 7.7 eV. This is 
accounted for by the following sequence of processes: 


e (7.7 eV) + Hg (67S,) —> Hg (7 3S,) +e (OeV) 
Hg (7°S,) —> Hg (6°P>) + Av (4047A or 3.06 eV) 


Hg (6 3P0) (4.64 eV) +H,(‘Z) —> 2H+Hg('S,) 


The metastable mercury atom in the state 6°Po, which is formed 
in the second stage and which has an excitation energy of 4.64 eV, 
spends its energy at the third stage on the dissociation of the 
iolecule. This mechanism is similar, to a certain extent, to the 
mechanism of dissociation of hydrogen by photosensitized mer- 
cury in the known experiments accomplished by Franck and Ca- 
rio. 

Other experimental evidence for the theory of energy catalysis 
is furnished by spectroscopic investigations and also by the sen- 
sitizing effect of various added substances in reactions occurring 
in electrical discharges. For instance, a considerable increase of 
the yield of acetylene has been observed in the electrocracking 
of methane in a glow discharge in the presence of mercury va- 
pour. The mechanism of such a “catalytic” action of mercury va- 
pour consists probably of the primary formation of a metastable 
mercury atom and the subsequent sensitized dissociation of the 
methane molecule: 


Hg (6°P)) + CH, —> CII, +H+He('S)) 


There has also been studied the action of mercury and sodiurn 
vapours on the decomposition of ammonia in a glow discharge and 
also of mercury, zinc, and cadmium vapours on the synthesis of 
NII; from nitrogen and hydrogen. As has been found, the sensitiz- 
ing effect is exhibited in both cases by mercury vapour alone, the 
decisive role being also attributed here to the metastable mercury 
atom (which is designated by the symbol Hg*). The first stage of 
the sensitized decomposition of ammonia is represented by the 
equation 

He* + NH; — >» NH,.+H- Hg 


The synthesis of ammonia is supposed to take place by the in- 
teraction between the excited nitrogen molecule Ng and hydrogen 
atoms and the role of mercury is to sensitize the formation of the 
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hydrogen atoms. On the whole, the process in the presence of 
mercury is represented by the scheme 


< 
rere > terre Excitation by an electron impact 
No +e — > Note 
Ho* +H, —> H+H-+He 

No +H —> NH+N 

NH + H, —~> NHs3 

N+ HT, — NFI+H, etc. 


It is interesting to consider one more case of the positive effect 
of the substance added on the reaction in an electrical discharge, 
namely, the increase of the equilibrium-stationary yields of ozone 
in the presence of nitrogen. Here the role of the energy catalyst 
is apparently played by an electronically excited nitrogen moie- 
cule in the metastable state, No, which imparts its energy to the 
oxygen molecule by way of a collision of the second kind: 


N3+0, —> O+0+4N, 


We know also of the activating eficct of argon and water vapour 
on the reaction of formation of hydrogen peroxide in a barvier 
discharge. These added substances probably also serve as energy 
catalysts and exert an influence on the dissociation of hydrogen 
molecules. 

Thus, according to the theory of energy catalysis, a considerabie 
part in the formation of chemically active particles in an electrical 
discharge (or free atoms in the examples given above) can de 
played by electronically excited atoms and molecules, niainly 
those which are perhaps in the metastable state. The analogy 
with catalysis consists here in that the particles in electronically 
excited states do not directly participate in the act of cheinical 
interaction but serve only as agents that transfer energy from: the 
electron gas of the discharge plasma to the molecules to be ac- 
tivated, thereby facilitating the formation of activated states. Tac 
difference from ordinary catalysis consists in the attainment of 
higher equilibrium (equilibrium-stationary) concentrations of the 
reaction products under the action of energy catalysts. In the 
above exainples the role of energy catalvsts is played by atoms 
and molecules of the substance added. This is evidently not oblit- 
gatorv. The analogous function can also be fulfilled by the elec- 
tronically excited states of the reaction participants themselves, 
which transfer energy by means of collisions of the second kind 
to similar molecules or to the molecules of the other particisanis 
of the reaction. For example, in the synthesis of ammonia the 
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following process is thought to be probable: 
No5+H, — No+tH+H 


in which the role of an energy catalyst is played by a nitrogen 
molecule. As has already been pointed out, the extreme degree of 
aclivation which manifests itself in the dissociation into atoms is 
not evidently necessary in all cases either. In other cases, on col- 
lisions of the second kind, and also by other means, there may 
appcar molecules in a state close to dissociation, te. at high 
levels of vibrational excitation. Such molecules can also be cheim- 
ically active. For instance, in the oxidation of nitrogen the fol- 
lowing reaction is regarded as an activation process: 


*4+N, —> No+N <> N 


* 


in which the electron energy of one nitrogen molecule Nj, is con- 


verted into the vibrational energy of another nitrogen molecule, 
N <> N. 


CHAPTER 12 


Kinetics 
of Reactions 
in Solution 


12.1. Effect of Solvents on the Rate 
of Chemical Reactions 


Of considerable interest is a comparative study of the rates 
of a single reaction in the gas phase and in various solvents. 
The number of reactions that can be studied both in a gaseous 
medium and in solutions is not very large, but such reactions do 
exist and the decomposition of nitrogen pentoxide is one of the 
most thoroughly studied reactions of this kind: 


| 
N20s ——> N2Os + > O2 


This reaction is a classical example of unimolecular reactions. 
Table 12.1 lists some data indicating the very slight effect of 
solvent on the rate of this reaction. 


TABLE 12.1. The Constants of the Arrhenius Equation 


for the Decomposition of Nitrogen Pentoxide in the Gas Phase 
and in Various Solvents at 20°C 


Arrhenius constants 


Rsolutio . 

Solvent ns —_=.. 
A, sec! + 107!8 E, ca:/inole Bas 
Gas phase 4.5 24,500 1.00 
Carbon tetrachloride 2.8 24,100 1.24 
Chloroform 6.4 24,60C 1.45 
CH2C!ICH2Cl 4.1 24,400 1.26 
CHCI.2CHCl, 10.4 24,100 1.24 
CH,CHCl, 12.5 24,900 1.70 
Bro 2.5 24,000 1.14 
CH,NQ, 3.1 24,500 0.81 
NoO, 16.3 25,000 1.82 


For a chemically inert solvent this could have been expected 
if it is thought that the role of solvent molecules reduces to that 
of maintaining the Maxwell-Boltzmann distribution and, hence, 
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oi the thermodynamic equilibrium concentration of active moie- 
cules. However, in certain other solvents—nitric acid and di- 
chloropropane—nitrogen pentoxide decomposes by about 20 times 
more slowly and the energy of activation increases up to about 
28,300 cal/mole. It is possible that in these solvents the molecules 
form with the solvents some complexes which stabilize the pen- 
toxide to a certain extent. In a solution of N».O,, however, a somie- 
what greater rate seems to be observed (Table 12.1). 

As a further example of the slight effect of solvent on the reac- 
tion rate may be cited the data on the decomposition of chlorine 


monoxide: 
2C1,O — 2Cl,-+ Or 


Generally speaking, the kinetics of this process are rather com- 
plicated: at the beginning the reaction proceeds slowly and then 
is speeded up, the both stages proceeding by second-order kinetics 
with the same energy of activation. Table 12.2 compares the rates 
of this reaction in the gas phase and in a solution of carbon tetra- 
chloride. 

Properly speaking, because of certain difficulties in the determi- 
nation of the rate constants it is the tiine periods required for 
the increase of the degree of conversion of Cl,O from 20 to 60 
per cent that are compared. Within the experimental error the 
rates in solution and in the gas phase coincide. The ratio 
Tsolution/Tgas 1S equal, on an average, to 1.02. The energies ol acti- 
vation Esotution and Egas are equal, respectively, to 20,300 and 
21,000 cal/mole, i.e., they also almost coincide. However, the sol- 
vent can often be found to exert a considerable effect. For instance, 


TABLE 12.2. Comparison of the Rates of the Reaction 


2CI,0 — 2Cl,+ 0, in the Gas Phase and 
in Carbon Tetrachloride Solution 


T9))-G60) y , min 


Concentration 1 oC Tsalution 
mole/litre in solution in gas “gas 
0.224 70.7 30 47.5 1.05 
0.115 71.0 105 90.5 1.16 
0.115 59.8 257 225 1.14 
0.126 69.8 83 90.5 0.92 
0.095 69.7 100 122 0.82 
0.120 80.1 45 44 1.25 
0.120 75.3 54 61 0.89 
0.120 65.2 139 137 1.02 
0.120 60.1 200 211 0.95 
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ozone in the gas phase decomposes by second-order kinetics with 
an activation of energy of 28,000 cal/mole. In carbon tetrachloride, 
first, the reaction order is changed—the reaction becomes first 
order. Second, with equal concentrations (1.9 X 10-% mole/litre) 
and temperatures (71 and 55°C) the reaction is accelerated by 
30-40 times. It is possible that the presence of a solvent in this 
case plays the same role as the increase of the pressure of the 
reacting gas itself, keeping the unimolecular constant at the 
limiting level in accordance with the Lindemann scheme (see 
Chapter 7, Sec. 7.2). It should however be noted that about 5.5 
per cent of ozone participates in a side reaction with CCl:, form- 
ing chlorinc. pnosgene, and oxygen. Therefore, the possibility is 
not excluded that the mechanism will be fundamentally changed. 


12.2. Application of the Collision Theory 
to Bimolecular Reactions in Solution 


The simple collision theory of bimolecular gaseous reactions 
[see Chapter 7, Eqs. (7.12) and (7.16)] gives the following ex- 
pression for the rate constant: 


_ E 
RT 


k= <oe 
where 29 represents the frequency factor equal to 


NPrn fp orf, VAL, 
2o= 7000 «RT (q-+-y-) } itre/mole- sec 


Moelwyn-Hughes used this formula to calculate the values of 2% 
for a large number of second-order reactions in solution and com- 
pared them wilh the experimentally found pre-exponential factors 
of the Arrhenius equation. Table 12.3 lists some data obtained in 
this way. Among the first reactions are the reactions investigated 
in the last century by Conrad, and also by Hecht, Conrad and 
Bruchner. These are the interactions of sodium alkoxides with 
various alkyl iodides: 


CoHsONa +. RI —_—> CoHsOR + Nal 


The kinetics of reactions of this type were also studied by Arrhe- 
nius. As can be seen from Table 12.3, the values of the ratio 
keai/Rops are close to unity for most of the reactions, which sup- 
ports the applicability of the simple formula of collision theory 
(7.16) to reactions in liquid solutions. Even reactions that in- 
volve ions may also be described by this scheme, though in gener- 
al, according to the theory of Bronsted, Bredig, and Christiansen, 
in ionic reactions it is necessary to take into account the “crowd- 
ing” of ions in “ion atmospheres”, and also the effect of the ionic 


TABLE 12.3. Comparison of the Calculated and Experimentally 
Observed Rates of Some Bimolecular Reactions in Liquid Solutions 


A,X a7! en, x LOT k 
Reaction Solvent litre/inole- ‘tire/mole: kes iitmole ; cal 
“SEL SEL | fobs 
| 
CH,ONa + 1,2,4-CICsH,(NO;)2 | CH,OH 1.91 2.42 17.45 | 1.3 
C,H;,ONa + 1,2,4-CIC5H3(NO3)o | CoHsOH 1.80 2.39 16.76 1.3 
CoHsONa + CH,I CoH;,OH 2.42 1.93 19.49 0.8 
CoHsONa + CoHs! CoH;OH 1.49 2.23 20.65 1.5 
CoH;ONa -+ CgHsCHgl CoH,OH O.15 2.17 19.90 14.5 
CsHsONa + C,FIy7! CoH-OH 3.03 2.31 22.45 0.7 
CeH;sONa + itso-C.Hyl ColHz.OH L.74 2.31 22.10 1.3 
CysH;ONa + CygH31 CyH,OH 2.78 2.99 29.43 1.0 
CslH;,CHI,GNa +- iso-CyHol C;.H;OH 2.45 2.43 21.35 1.0 
CsHsCH2ONa + CyeFls3! C.oH;,OH 1.26 3.12 21.09 2.5 
o-CH,CgH,ONa + CH,1 CyoH;OH 1.30 1.99 21.18 1.5 
ni- CH,CgHiONa + CHa,l CoH:.OH 2.27 1.99 19.49 0.9 
p-CH,CgsH,ONa + CR! C.H-OF 8.49 1.99 20.9 0.2 
B-CipgHzONa + CoHsl CH,OT] 0.1 2.21 21.01 22.1 
B-C p9H7,ONa + CoHs! C2H;0OH O.11 2.21 19.84 20.1 
B-Cyoll;ONa + CoHsI C.H,OH 0.40 2.21 91.30 ! 5.5 
CH;0ONa + 0-CgH (NO)? CH;3O0FI 6.11 2.48 20.59 0.4 
CoH;ONa + 0-CgHy(NOg)2 CoH- OFT 3.03 2.45 20.48 0.8 
(CH.),SO, + NaCNS CH,OH 0.19 1.91 17.36 | 10.0 
CH,ICOO + C,gH;O- H,O 0.4 1.85 21.01 4, 
CHeICOOH + Cl H,O 7.9 2.66 22.85 0.3 
CH,ICOOH + CNS~ HO 0.4 2.17 18.19 O.4 
CH,OLCH.C! + GH- 11.0 25.5 2.78 19.87 0.1 
CH.(CHy),Cl -+ 17 (CH,)2CO| 2.54 | 1.64 93.5 0.7 
C;Hs;CO(CH,),C1 + I (CII3)2CO} 10.5 1.88 22.16 0.2 
CH;S(CHo)oCl + T- (CH3)2CO 0.085 1.57 21).74 18.5 
C3,HeBre + 1 CH,OH 1.07 1.39 25.10 1.3 
CH,CICOOH + OH- 11,0 4.55 2.86 235.85 0.6 
CHp, 
\ - 

C,H, O + OH H,O 41.7 2.93 [2.50 0.07 


‘co 
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strength. In Table 12.3, the highest value of Rcat/Rops is equal to 
20-22 and the lowest is 0.07. In the first case, a steric or probabil- 
ity factor should have been introduced, the inclusion of which 
could have been associated with the deactivation of the reacting 
molecules on collisions with the solvent or with the stabilizing 
action of the solvent by way of formation of some complexes. 
In the second case, i.e., Reai/Robs == 0.07, catalysis may be sus- 
pected. 

In connection with Table 12.3 the following remark may be 
made. The theoretical values of 2) for different reactions differ 
little from one another. This is accounted for by the fact that the 
effect caused by the faster motion of light molecules is eliminated 
by their small diameter; on the other hand, more slowly moving 
heavy molecules have a larger diameter. As a result, there is ob- 
tained the averaged theoretical value of the pre-exponential factor 
[Eq. (7.17) ]: | 

2p = 2.8 * 10!! litre/mole:sec 
(see Chapter 7). The applicability of the simple collision theory 
becomes more spectacular if we take into account the difference 
in the reaction rates presented in Table 12.3. It is determined by 
the value of exp (AE/RT) and amounts to 10°, ie, one milliard. 

In Chapter 7 we presented the graph (Fig. 7.3) showing the 
distribution of a large number of reactions in solution (about 
200 reactions have been studied) according to the values of A. 
According to this statistics, about 40 per cent of the reactions have 
“normal” rates, i.e., their pre-exponential factors are close to the 
theoretical value (2.8 & 10!'). Other reactions are “fast”, but 
these reactions are more likely to fall into the category of cata- 
lyzed reactions. The third category includes “slow” reactions. 


12.3. Slow Reactions in Solution 


The contribution made by the Russian scientist N. A. Menshutkin 
to the development of chemical kinetics is usually underestimated 
ir. academic and, perhaps, even in scientific literature. It should 
however be recalled that, apart from the fundamental works on 
autocatalysis, Menshutkin discovered (1887) a special class of 
reactions, a discovery that had a substantial impact in general 
on the development of chemical kinetics. The reactions in question 
are those involving the combination of tertiary alkylamines with 
alkyl halides. For example, 


(CoHs)3N + CoHsl —_> (CoHs)4NI 
The specific feature of this type of solution reactions is their very 


slow rate with a relatively low energy of activation. As seen from 
Tables 12.4 and 12.5, the activation energies of these reactions lie 
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TABLE 12.4. The Constants of the Arrhenius Equation 
for Some of the Menshutkin Reactions 


A, litre-mole~"- 


“sec 


E, 
Reaction Solvent kcal/mole P 


[1.2 9.3 X 10 
11.7 1.6X 10 


(CoH5)3N + CoHsBr CsHe, 2.8 ». 16? 
CH3;COCH;| 8.5 X 10° 


CsH;(CH3)2N + CHsl Celi;NO2 2.6 * 10° 13.0 


5.3 107° 
CHCl, 2.1 x 104 11.7 48>” 107° 
CsHs(CH3)2N + CoHel CH,COCH,} 2.7 X 10! 13.7 6.3 107° 


TABLE 12.5. The Effect of Solvent on the Rate of the Menshutkin 
Reaction C,H;1 + (C,H;),N —» (C,H;),NI at 100°C 
kX 103 | A 


Solvent E, kcal/mole 
litreeinole t, sec 


Hexane 0.5 ca. 1.0 *& 10! 16.0 
Cyclohexane 1.0 1.0 10° 17.0 
Toluene 25.3 1.0 10% 13.0 
Benzene 39.8 2.0 X 10° 11.4 
Dipheny! methane 64.0 4.0 & 10° 11.8 
Dipheny! ether 117 8.0 X 10° 11.7 
Bromobenzene 160 4.0 * 10+ 12.5 
JodobenZene 269 2.5 < 10! 11.9 
Benzonitrile 1125 10x 10° 11.9 
Nitrobenzene 1383 8.3 < 10! 11.6 


within the range 11-16 kcal/mole, and their “slowness” manifests 
itself in the extremely low values of the pre-exponential factor A. 
Indeed, the pre-exponential factors for these reactions have values 
of the order of magnitude of 10? to 10* instead of the “normal” 
value (2.8 & 10!! litre-mole-!-sec—'). This corresponds to steric 
factors amounting even to 107!°, i.e., one of the ten milliard active 
collisions proves to be fruitful. 

To explain such slow rates, one would think that we should 
admit the participation of a solvent in the reaction. This idea is 
suggested, in particular, by the considerable effect of the nature 
of the solvent on the rate of the Menshutkin reactions. 
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Table 12.5 iists some relevant data for the reaction betwee 
(CoHs)3N and CoHslI, the constants being arranged in increasing 
order. As seen, when going from a “neutral” solvent (hexane) to 
nitrobenzene the rate of the reaction increases rather significantiy, 
by a factor of 2800. When comparing a large body of data we 
may come to the conclusion that the reaction always proceeds 
faster in an aromatic than In a correspending aliphatic solv=ni. 
In general, hydrocarbons and ethers are soivents in which rcae- 
tions procced slowly, and alcohols and ketones speed up reactions. 

What is the role of a solvent? It has been suggested that it is 
the solvent that slows down the reaction. According to Chri- 
stiansen, collisions with solvent molecules deactivate the reactant 
molecules. Other authors believe that the cause of the abnormal 
slowness of reactions in solution is the formation of relatively 
stable complexes with solvenis—so-called solvates, which retard 
the reaction of combination of reactant molecules. However, as 
has been found, the reaction given here as an example proceeds 
slowly and in the gas phase its rate is only 5 times greater than 
in hexane and is even lower than in a solution of CCl, which, 
considering the decomposition of N2Os, is one of the most inert 
solvents. 

The same may be said about another slow reaction, which was 
also originally studied by Menshutkin: 


(CH3;CO),0 + CoH;0H —» CH3sCOOC>2Hs + CH3;COCOH 


The constants in the Arrhenius equation for this reaction are as 
follows: A = 9.16 * 104 litre-mole—!-sec—! and E = 129.4 kcal/mole 
in hexane, A=4.14 X 10° litre-mole—'-sec—! and E=13.4 kceal/moie 
in CCl,. And, what is most interesting, the reaction rate in the 
eas phase is of the same order of magnitude as in the iwo inert 
solvents. Thus, the idea that the reaction is slowed down by 
solvents may be rejected. 

Moelwyn-Hughes maintains that slow reactions in neutral 
solvents may be regarded as normal reactions in the sense that 
no solvent effect is involved. The same solvents in which the stow 
reaction proceeds relatively rapidly (say, in nitrobenzene) ac! as 
catalysts. The catalytie activity of a solvent increases in parallel 
with the increase of its dielectric constant and of the dipole mo- 
ment of the molecules. 

Another explanation for the slowness of the Menshutkin reac- 
tions is that the reaction can be accomplished on ccllision o! ac- 
livated molecules which are in suitable internal states. For 
exatnple, when one of the vibrating atoms is near the largest 
deviation from the normal position. This must reduce the number 
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Oo! efiective collisions by an amount civse to the vibration fre- 
quency of the given atom and thus bring the experimental data 
into agreement with collision theory. 


12.4. Catalysis in Solution 


Perhaps, there will be no exaggeration if we state that most 
reactions in solution are catalyzed if not only a deliberately in- 
troduced catalyst but also the effect of the solvent and the pos- 
sibility of the formation of a catalyst during the course of the 
reaction (autocatalysis) are taken into account. 

Generally, the term catalysis is used at present for a wide range 
of phenomena associated with the acceleration of reactions by 
some substances (or bodies) called catalysts which are etther 
specially introduced into the reacting system or formed in tt dur- 
ing the course oj the reaction. While taking an active part in the 
reaction, the catalyst remains chemically unchanged at the end of 
the reaction. 

Numerous observations have led to two important generaliza- 
tions in the field of catalysis. First, the decrease of the energy of 
activation as the most pronounced inanifestation of the activity 
of the catalyst. Second, specially for homogeneous * catalysis in 
solutions, the concept of the proportionality between the reaction 
rate and the concentration of the catalyst. These propositions lead, 
of necessity, to the conclusion that a catalyst participates in the 
reaction, forming certain unstable intermediate compounds or 
complexes and thus makes it possible for the reaction to proceed 
along a more cnergetically favourable pathway. 

[t is obvious that this point of view is drastically different from 
the views of Berzelius who introduced the terms catalysis and 
catalyst: catalysis was regarded by him as the manifestation of 
the action of some mysterious force vis occulta. Later, Ostwaid 
tried to describe the rate of the reaction by a formula of the type 
of Ohm's law: 
driving force of the reaction 


reaction rate = . 
passive resistance 


From this standpoint a catalyst reduces the “passive resistance”, 
playing the role of a lubricant. 

li we return to the modern standpoint, we may state that 
probably in any case of homogeneous catalysis there are formed 
labite intermediate products in the early stages. Sometimes thes: 
are ordinary chemical compounds which are only of transient 
existence and which can be isolated and studied separately. Be- 


* Discussion olf hete:cyctivous catalysis is beyond the scope of the present 
bock. 
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cause of the extremely low stability of other intermediate com- 
pounds, they cannot be isolated and the formation of such an in- 
termediate may be judged only by the change in some property 
of the solution: the temporary change of the colouration of the 
solution, the change of the electrical conductivity, etc. 

The oxidation of thiosulphate by hydrogen peroxide to form 
tetrathionate is accelerated by iodide ions: 


- I~ - 
2S,03- + H,O, + 2H* —» S,02° + 2H,O 


There is ground for stating that the intermediate product here 
is the hypoiodite ion and the reaction proceeds in two stages: 


(1) ID + H,O. — > IO° + H,0 
(2) 2S,0$° + IO” + 2H* —» S,02°+H,O+I° 
the sum of which evidently gives the overall equation. 

The oxidation of thiosulphate by hydrogen peroxide in the 
presence of another catalyst, molybdic acid, proceeds with the 
formation of sulphate: 

MoO;* 
S,0;° + 4H,O, ——> 2807" + 2H* + 3H,O 
In this case, the intermediate formation of the permolybdate ion 


is very probable: 
4MoO}- + 4H,O, —» 4MoO2 + 4H,O 


S,O;- + 4MoOz + H,O —» 2SO7° + 4MoO; + 2H* 


With account taken of transition-state theory, the following 
scheme may be suggested for catalysis in solution. Let us say, 
the reaction between the substances A and B in the absence of 
a catalyst proceeds with the formation of an activated complex 
AB*; 
A+B —> AB*® — + C+D 
In the presence of a catalyst K the process takes place in several 
stages: ; 
(1, 2) A+K — AK 
This is the reversible formation of an intermediate product. The 


third stage is the formation of an activated complex: 


(3) AK+B —> ABK* 


And, finally, the activated complex is decomposed into the pro- 
ducts and the catalyst: 


(4) ABK*® —% C+D+4K 
Employing the method described in Chapter 8, it is basically 
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possible to construct a potential-energy surface and to imagine 
the energy profiles for the paths of the uncatalyzed and catalyzed 
reactions. An approximate theoretical picture is presented in 
Fig. 12.1. 

As seen, the exothermic formation of an intermediate is expected 
in this case on catalysis, after which the potential energy of the 
reacting system increases because of the formation of the 
activated complex ABK*. From 
Fig. 12.1 it is seen that the AB* 
energy of activation decreases, 
i.e., this energy being required 
for the formation of the activat- 
ed complex from the reactants. 
It is equal to the difference be- 
tween the zero-point levels of 
AB~* and ABK*™, i.e., AE. If the 
auxiliary effect of the catalyst 
on the pre-exponential factor is 
neglected, the ratio of the rate 
constants of the catalyzed and 
uncatalyzed reactions may be 
represented in the form 

AE Reaction path 


Reat RT 
; =e (12.1) 


Eo 


I U-eastiom 


Fig. 12.1. The energy profiles of un- 
catalyzed and catalyzed reactions: 
Since AE is contained in the ex-  Fiz,aetiyation,eneray of am uncatalyzed res 
ponent, then even a slight de- reaction. 

crease of the energy of activa- 

tion may result in a rather considerable acceleration of the reaction. 
As an example, let us consider the decomposition of acetaldehyde, 
which proceeds in the gas phase at 800 K: 


Potential energy of reacting system U 


uncat 


CH,CHO —2> CH,+ CO 


The reaction is accelerated by iodine vapour, F, being equal to 
45,500 and EE» to 32,500 cal/mole. Thus, AE = 13,000 cal/mole and 
is about 28 per cent. But, using formula (12.1), we obtain 
13,000 
cat 2800 
bk... © 


~ 10” = 3000 


uncat 


that is, in the presence of a catalyst the reaction proceeds by 
3000 times faster. 

The kinetics of a homogeneous catalyzed reaction written in 
the form of a sequence of three processes (1 and 2, 3, 4) depend 
on the properties of the intermediate AK. To consider this pro- 
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blem, let us first write the observed reaction rate, which is equal 

to the rate of the unimolecular decomposition of the activated 

complex: 

oa AIC 
dt 


—k,[ABK*] (12.2) 


In the stationary state the concentration of the activated complex 
can be determined from the relation 


k3 [AK] [B] = 2, [ABK*] (12.3) 
Applying the steady-state principle to the intermediate AK, we get 
ky [A] [K] — kg [AK] — &3 [AK] [B] =0 (12.4) 


Determining the concentration [ABK*] from Eqs. (12.3) and 
(12.4) and substituting it into Eq. (12.2), we obtain an expression 
for the observed reaction rate: 

_ a[C] kik [A] [B} 

~ dt ka + Rs [BI] 


w) [K] (12.5) 
This equation lies at the basis of the kinetics of homogeneous 
catalytic reactions. First, in accordance with experiment, it estab- 
lishes the proportionality between the reaction velocity and the 
concentration of the catalyst. Second, two extreme cases can be 
distinguished in the analysis of the reaction scheme. Thus, for 
example, the rate constant for the reverse decomposition of the 
intermediate AK may be found to be much greater than the rate 
constant for its further conversion, i.e., 


ko>>k; and kok, [B] (12.6) 


In other words, the intermediate is largely decomposed into the 
reactants and is converted but at a low rate into the activated 
complex and further into the end products. In this case the con- 
centration of the intermediate will be close to the equilibrium 
value, and the quantity k; [B] in the denominator of Eq. (12.5) 
may be neglected as compared with hg, Le., 


d(C] _ hiks 


rT, k> 


[K] [A] [B] = Ray [A] (B] (12.7) 
In other words, the reaction in this case must be second order 
with respect to the reactants with the rate constant being propor- 
tional to the concentration of the catalyst: 

__ fake 
ae: 


‘«) 


k ke 


1 
Perhaps, it would be better to speak in this case of the ordinary 
reaction order with respect to both reactants. Intermediates hav- 
ing such properties, i.c., those essentially present in the reacting 
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system in an equilibrium concentration, are called the Arrhenius 
complexes. The origin of this term is connected with the fact that 
the activated form of the mclecule, the existence of which was 
assumed in the derivation of the temperature dependence of the 
reaction rate (see Chapter 4), belongs to entities of this type. 

In the other of the two extreme cases it may be found that 


kyo <k3 and Ro Kk [B] 


that is, as the inlermediate is formed it will immediately react 
further to give the end products. Now, the quantity ko in the de- 
nominator of Eq. (12.5) may be neglected as compared with &3 
[B] and the reaction rate 

w = k, [K] [A] 


will not in gencral depend on the concentration of the second 
reactant since at any, even small concentrations its amount will 
be sufficient for the immediate consumption of AK. An interme- 
diate complex of this type is frequently called a van't Hoff com- 
plex because since the time of van’t Hoff such complexes are used 
{o account for the decrease of the observed overall reaction order 
as compared with the plausible assumptions. It may be said that 
in this particular case the reaction is zero order with respect to 
the substance B. The concentration of the van't Hoff complex must 
evidently be far from the equilibrium value in contrast to the 
Arrhenius complex. 


12.5. Acid-Base Catalysis 


A large number of reactions in solution are speeded up in the 
presence of acids and hases. To this category of reactions belongs 
the well-known hydrolytic cleavage of an ester: 


We may also cite the inversion of polysaccharides, say, of sucrose 
disaccharide: 
CiaH22911 + H2O —» 2C6H)20¢ 


Mention should also be made of some reactions of isomerization; 
for example, the mutarotation of glucose which has already been 
mentioned in the text (see Chapter 3). Among such reactions is 
also the mutarotation of beryllium camphorbenzoate or nitrocani- 
phor. The latter mutarotation is associated with an isomerization 


of this type: 
CHNO» CNO.M 
CoH | = CoH | 
\Nco \co 
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It is precisely in connection with the investigations of isomeri- 
zation reactions accompanied by mutarotation that Lowry ad- 
vanced the concept which may be called the donor-acceptor theory 
of acid-base catalysis. This theory is based on two observations. 
First, it has been found that the mutarotation of various com- 
pounds, which proceeds readily in water, fails to take place in 
the various pure non-aqueous solvents. For example, tetramethy!- 
glucose undergoes no change either in dry cresol (an acid) or in 
dry pyridine (a base). Placed in specially cleaned quartz vessels 
tetraacetylglucose and tetramethylglucose remain unchanged for 
a long time in solvents such as chloroform, benzene, and methyl 
acetate. 

However, second, while pure cresol and pure pyridine do not 
separately accelerate the mutarotation, in the presence of a mix- 
ture of 1 part of m-creso! and 2 parts of pyridine the reaction of 
conversion of a-glucose into B-glucose proceeds by about 20 times 
faster than in water. It has also been established that a mixture 
of pyridine and water is a better catalyst than water alone, and 
mixtures of methanol and pyridine or m-cresol are more active 
than the pure alcohol. According to Lowry (1925-1928), acid-base 
catalysis consists of the transfer of a proton from the donor-acid 
part of the catalyst to the substrate molecule and the expulsion 
of a proton (probably, another proton) by the acceptor (base) 
part of the catalyst. First, water itself is such a proton donor- 
acceptor. Dissociating into ions 

H»O —» OH +H" 
water is a proton donor and when it binds a proton 

H*-+ H,O —» H;0* 
it exhibits proton-acceptor properties. These properties of water 
can be amplified by addition of acids or bases, as a result of which 
many reactions are accelerated. For instance, according to the 
data obtained by Hudson (1907) the effect of hydrogen and 
hydroxy! ions on the mutarotation of glucose is determined by 


the equation 
k = 0.0096 + 0.258 [H,0*] + 9750 [OH] (12.8) 


where & is the rate constant for the mutarotation. The supposed 
mechanism of acid-base catalysis can be traced out on the 
thoroughly studied iodination of acetone: 


CH;COCH; + 1, —» CH,COCH.I + I” + H* 


The empirical rate equation for this reaction may be represented 
in the following form: 


d |acetone| 


T = kk [acetone] [H*] (12.9) 
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that is, the reaction rate is proportional to the concentration oi 
hydrogen ions and acetone and does not depend (zero order) on 
the concentration of iodine. The enol form of the ketone is first 
formed by the donor-acceptor mechanism: 


CH,—C—CH, CH,—C'—CH, Proto- 
| + At —.» | nattort 
OH 
_ct_ey >. CH.—C=CH, Jeproto- 
CH,—C'—€H; + on” -~ «| ; rition 
OH ‘OH 
Erol form 
of ketone: 


The resulting enol form reacts then readily with iodine: 
CH3—C=CH; + I, —> CHs—~C—CHal +HT+1 


OH 


The slower rate-determining step is the first step, which is rep- 
resented by Eq. (12.9) and the intermediate complex, i.e, 
CH;COH=CHbp, should be qualified as belonging to the category 
of van’t Hoff complexes. 


12.6. Intermediates in Homogeneous Catalysis. 
The Shpitalsky Mechanism 


The development of the hypothesis of the mechanism of homo- 
geneous catalysis, in which it is assumed that intermediates are 
formed by the interaction between the catalyst and the reacting 
substance (the substrate), is tied up with the names of many 
scientists: Bredig, Braude, Abel, and also Henri and Michaelis. 
All the authors listed are the predecessors of Shpitalsky, in whose 
works the “classical” theory of intermediate compound formation 
was most thoroughly elaborated. 

The Shpitalsky theory was based on the following propositions 
which had been suggested earlier (1-5) and those which have been 
reformulated anew (6-10): 

1. A catalyst is a substance that renders the substrate reactive 
by forming a labile intermediate complex with it, i.e., with the 
substrate. 

2. The formation of an intermediate complex is a relatively 
fast reversible process. 

3. The labile intermediate complex undergoes a further, irre- 
versible relatively slow change. 
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4. The overall rate of the catalyzed reaction is proportional io 
the concentration of the intermediate complex and not to the 
substrate concentration. 

9. Depending on the value of the equilibrium constant for the 
formation of an intermediate complex the fraction of the combined 
catalyst in it remains to be in a Iree state. 

6. The formation of intermediate complexes may simultaneously 
involve many substances, so that a number of catalysts will 
function, by way olf the formation of a single intermediate com- 
plex, as a single mixed catalyst. 

7. Apart from the catalyst, some “associated substances” *, 
mainly the tons Ht and OH-, may be involved in the formation 
of intermediate coinplexes. 

8. Apart from participating in the formation of intermediate 
coinplexes, “associated substances” may exert an influence on 
the lability of the intermediate compound and, hence, on the rate 
of its decomposition, even without taking part in the process of 
iis reversible formation. 

9. One and the same catalyst may simultancously form many 
intermediates with the substrate. 

10. When the simultaneous action of many catalysts is involved 
(6) or when many intermediates are formed from one catalyst (9), 
the resultant reaction rate is the sum of the rates of decomposi- 
tion of the individual intermediates. 

Proceeding from the possibilities listed above, Shpitalsky 
derives more or less complicated kinetic equations, including the 
simplest Henri-Michaelis equation. 

Here we shall consider in more detail only two versions which 
have been confirmed expcrimentally in an elegant manner. Namely, 
we shall be concerned, first, with the formation of two interine- 
diates, M; and Mg, by one catalyst and one substrate according 
to the following stoichiometric equations: 


F+28 ~~ M, 


a 


Thus, the catalyst molecule F forms reversibly intermediate com- 
plexes with one and two substrate molecules. 

Assuming the formation of equilibrium concentrations of the 
intermediate complexes in accordance with propositions 2 and 3, 
we write the equilibrium constants: 


CM 
eK (12.10) 
Cy (CE —¢y,— Cm.) 


* My quotation marks (E. Yeremin). 
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and 


CM, 
5 =K; (12.11) 
Cs (Cr — CM, _ CMm,) 


According to propositions 4 and 10, the overall rate of the reac- 
tion will be represented thus: 


d 
w= — = hem, +. RoCm, (12.12) 


Or, on combined solution of Eqs. (12.10), (12.11), and (12.12), 


oa — HE Se ltiKies + hk oe) 12.19) 

dt 1+ Rylg + Role 
According to this equation, the reaction rate is always propor- 
tional to the concentration of the catalyst. As to the rest, however, 
the kinetics may be extremely varied. Thus, for example, if the 
values of Ky, Ko, and k; are small as compared with &) and with 
unity, the reaction rate is expressed by a simple second-order 
equation: 

dc 9 

W = — 7 = CphyKo¢g (12.14) 
But if ko is very small, Ko is large and simultaneously K,; is small 
and k, is very large, the following equation may be obtained: 


w= — — ee (12.15) 


which expresses the reaction rate which is inversely proportional 
to the substrate concentration. Evidently, in the first of the cases 
examined the reaction is “carried” by the second intermediate M, 
owing to its being labile. The first intermediate, though being 
formed, is decomposed very slowly. In the second case, the second 
intermediate My, is predominantly formed—its equilibrium con- 
stant is great, but the catalytic reaction is “carried” by the first 
intermediate M, which is considerably labile but is present in 
small concentrations which are constantly being recovered. 

If we specify the arbitrary values of the constants, we can plot, 
in accordance with Eq. (12.13), theoretical dependences of the 
reaction rate on the concentration of the substrate.* Figure 12.2 


* The calculations were carried out by E. I. Shpitalsky in collaboration with 
_N. I. Kobozev. 
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shows various types of kinetic curves obtained by using the ar- 
bitrary values of the constants K,, kj, Ko, and k» listed below: 


i 2 8 4 5 5 7 
K, 107! 103 5x10! ~—s 88 8 5x10 = «1.0 
ky 107" Lo to7* = 107° 107° 1io-*> = 1.0 
Ks 1o7® = 4K 107° 10? 10° 10 10? 10° 
ky, 3X10? 10° 17° =6107* ~—st07 107° 0 


As can be seen from Fig. 12.2, even in reactions, which are 
‘quite analogous to one another from the standpoint of stoichio- 
metry, and in the process of 

10.0 formation of two intermedi- 
ates according to the reac- 


td tion equations given” on 
8.0 7 page 346, the kinetics may be 
S720 ; quite different, depending on 
Nat, the relative values of the 
S 0 : constants K,, Rk}, Ko, and Ro. 
s 300 : Namely, there may be ob- 
S yg served a second-order reac- 
Ss tion (/) and, equally well, 
= 30 a first-order reaction (2). 
2.0 These may be followed by a 
19 fractional order (3) and 


_w~ zero order (4). Finally, the 
4 1.2 1.0 0.8 0.6 0.4 0.2 0 reaction Mmday be accelerated, 
| i.e., it may be described by 


curves of the autocatalytic 
Fig. 12.2. The rate of a catalyzed re- tYPE- 


Reactant concentration C, 


action versus the concentration of the Passing over to the second 
reagent for the simultaneous formation version, we note that when 
of two intermediates: three intermediates are in- 


~ second order, 2— first order: $— fractional volved, the rate curve may 
‘Order (smaller than unity); ¢—zero order; 5, 6, ; ~ 

7—curves of the autocatalytic type—a reaction Pd5SS first through a minimum 

with acceleration. with disappearance of the 

reactant and then through 

a maximum. In this case, the overall rate equation may be written 

in the form 
) 
de ep (ky Keg + ka Koeg + kK 3¢5) 
 (') i —— eee ‘ee pe ORE 


: : (12.16) 
dt b+ Kyeg + Koes + K3cg 


To this equation there may correspond the kinetic curves shown 
in Fig. 12.3. As can be seen, apart from the minimum, these curves 
calculated from the adopted values of the constants pass through 
a sharply prominent maximum. The shape of the curves and the 
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position of the extrema are highly sensitive to the change of the 
constants K,; for the two curves in Fig. 12.3, five of the six con- 
stants are exactly identical and only the equilibrium constant Ky 
is greater by a factor of 1.5 in the second case than in the first. 

The Shpitalsky theory has been successfully applied by Shpi- 
talsky himself and also by Kobozev to the catalytic decomposition 
of hydrogen peroxide by chromic acid (chromates) in the first 


18 
» 16 ‘S 
S : 
S : 
~ 14 & 
: S 
S12 2 3 
S S 
: | s 
= 10 


D 
04 0 uo 86 6 4Y 2  ¢ 


1.2 0.8 3 
CHyO5* 10% moles/titre 


Reactant concentration C, 


Fig. 12.3. The possible theoretical de- 
pendences of the rates of catalyzed re- 
actions on the reactant concentra- 
tion tor the simultaneous formation 


Fig. 12.4. The kinetics of the decompo- 
sition of hydrogen peroxide by Cr,O77 
ions in neutral and acid solutions 


of three intermediates [Eq. (12.16)]: at 0 
1—K,=4; 2—K,=6.0. The remaining con- I—Cinog 2 CN O00: 
stants are equal for the two curves: k= 107 I= C1 INOg 000255 #— C1 NO 0:00 mole. 


K2=2X107; kp= 1072; Ky= 107; ky=3 X 10 


place and also by molybdates and tungstates. It has been found 
that the decomposition of hydrogen peroxide by a neutral di- 
chromate is described by a simple equation, the order of which 
is dependent on temperature (Fig. 12.4,/). Namely, at 25°C the 
process rather exactly obeys first-order kinetics; at 0°C the order 
is less than the first, and at 50°C it approaches second order. It 
is presumed that in this case the catalysis is effected by one in- 


termicdiate which is formed from the ion Cr,O;" and two mole- 
cules of hydrogen peroxide. Thus, 


— 
qr 


Cr,03~ + 2H,0, Cr,O;~ + 2H.0 


The rate of the catalyzed reaction is expressed in this case by the 
equation 
Keio. 


C ae re 12.17) 
C1907 Il + Ci, \ 


w= K( 
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Here A is the equilibrium constant for the formation of the in- 


termediate Cr.O5 and & is the rate constant for its irreversible 
decomposition. If this scheme is correct, Eq. (12.17) must give a 


straight line in the coordinates 1/w and I/c}, 5, because 


| J l l 


2 
od RK Cc,,0, CHO, RCcr.O, 


(12.18) 


A check-up shows that really in the temperature range studied 
(0 to 56°C) there are obtained straight lines. From the data 
obtained it may be concluded that the catalytic decomposition of 
hydrogen peroxide is an intramolecular recombination of oxygen 
atoms which are transferred from the peroxide molecules to the 


catalyst. 
The overall scheme of the catalysis may be depicted thus: 
I. Transfer of active oxy- II. Recombination of 
een molecules to the oxygen atoms in the 
catalyst intermediate 
O O 
F + 2H,.O. = F- + 2H,O F - —> F+0O, 
O O 


In acid solution, or when chromic acid is used as catalyst, the 
kinetics of the reaction are found to be very complicated: in the 
region of considerable concentrations of the peroxide the rate of 
the reaction passes through a minimum, then through a maximuin 
and, finally, falls sharply to zero. An example of the experi- 
mentally obtained curves is presented in Fig. 12.4. For acid solu- 
tions the experimental curves are seen to be very similar to the 
theoretical curves calculated from Eq. (12.20) on the assumption 
of the formation of three intermediate complexes. 

Analysis of the kinetic curves and study of the dependence of 
their shape on temperature and the acidity of solution lead to the 
conclusion that when the decomposition of hydrogen pcroxide is 
catalyzed by the ion CroO; in acid solutions the above-mentioned 
“neutral” complex CroO5 with a relatively low activity is formed. 
Second, a very active “acid” intermediate is formed, which causes 
ihe appearance of a sharp maximuin of the rate at the end of the 
reaction. This complex is identified with the ion HCr2QOo, i. e., is 
the product of the addition of the H+ ion to CrsOo; it is by 
several times more active than the neutral complex. Finally, we 
have to assume the formation of another less active acid complex, 
the composition of which has not been elucidated, and its partici- 
pation in catalysis. 

In studying the decomposition of hydrogen peroxide by sodium 
‘molybdate there were isolated the permolybdates NagMoQg and 
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Na,.MoOg, the first of which was identified as the active interme- 
diate that controls the catalytic decomposition. Analogously, for 


the decomposition of H2O, in the presence of the WO? ion, it is 
assumed that the active intermediate is the WOs ion. 


12.7. Application of the Theory of the Intermediate 
Complex Formation to Enzymatic Reactions 


Catalytic reactions in solution (mostly in colloidal solutions) 
play an enormous part in biology. The biological catalysts called 
enzymes are known to be highly efficient, their activity exceeding 
by many orders of magnitude the activity of artificial catalysts. 
Another remarkable feacure of enzymes is their sharply pronounced 
specificity. Each of the enzymes effects only one reaction. For 
example, the cnzyme catalase accomplishes only one reaction in 
organisms, namely, it decomposes the hydrogen peroxide formed 
in some processes as a side product and it does this with a vir- 
tually enormous rate. Thus, if the activity of platinum so!, which 
is one of the most powertul artificial catalysts for the decoinpo- 
sition of hydrogen peroxide may be characterized by the number * 
7.08 & 107, the corresponding number for catalase is equal fo 
3.2 10°, ie, is by three orders olf magnitude greater than that 
of platinum sol. 

The mechanisms of enzymatic (enzyme-catalyzed) reactions are 
extremely complicated and have been studied little. The kinetics 
of such reactions, however, are often described by siinple equations 
which are derived on the basis of very simple assumptions. For 
instance, the kinetics of the inversion of cane sugar (Sucrose) by 
the action of the enzyme sucrase (also called saccharase or inver- 
fasc) is described on the basis of the assumption of the formation 
of the only intermediate which has the properties of an Arrhenius 
complex. The further considerations and derivation were proposed 
by Henri in 1902 and also by Michaelis and Menten in 1913. 

Let us denote the enzyme by the letter F and the substrate by 
S; the kinetic scheme of the reaction may be written thus: 


(1) F+S wz FS 
(2) FS —» products 


At the first stage there is formed an intermediate, the rates of its 
formation and decomposition being so great that the equilibrium 
concentration Crs is set up (i.e., it is almost unaffected by the 
relatively slow decomposition of FS into the products in the sec- 
ond process). If the relatively small initial concentration of the 


* These numbers are first-order rate constants (sec—') calculated per one 
active centre (alitcr Kobozev). 
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enzyme is cp, then its equilibrium concentration will be given by 
Cr — Crs and the equilibrium constant * will be 


Co (Cg —e 
Kk, = £8 r — Ss) (12.19) 
CFS 


From this we determine the concentration of the intermediate 
complex: 


_SSTF 12.20 
CFS K+ Co (12. ) 


If we assume that the decomposition of the intermediate complex 
proceeds by first-order kinetics, the observed rate will be ex- 
pressed as follows 


W rat e W suc dx CoCr 
1.0 |- 0.04 dt K+ es 
2 "Ss 
n = kc,;,———_ (12.21) 
o.6 0.03 P 1+ Ryeg 
0.6 / For a given constant concen- 
tration of the enzyme the 
0.02 . 
0.4 equation may be represented 
in the form 
0.07 kc 
0.2} —po— is 
2 wok +k ce (12.22) 


0 An equation of the type 

20 Ve mole heditre (12.21) or (12.22) is called 
the Michaelis equation in 

Fig. 12.5: Testing of the Michaelis equa- the kinetics of enzyme-cata- 
tion (12.22) for the inversion of sugars lyzed reactions. It was first 
in the presence of sucrase; the rates are applied to the inversion of 


expressed in arbitrary units: ; 
i—raffinose; 2—sucrose (according to the data SUCTOSE by the ENZYMe Sac 


obtained by Kuhn, cited by Kobozev). charase extracted from the 

yeast; it was subsequently 

found that the hydrolysis of esters catalyzed by esterases and also 

some other enzyme-catalyzed reactions obey the Michaelis equa- 
tion. 


If on the basis of Eq. (12.22) we write the inverse of the rate 


l | 
Rt + k’ RCo 


aan~, 


(12.23) 


&|— 


* Here, by tradition and in contrast to the former, more widespread method 
of writing the equilibrium constant, the reactant concentrations are written 
in the numerator, 


wo 
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then, as seen, the applicability of Eq. (12.22) must be confirmed 
by the straight-line course of the function 1/w = f(l/cs). Fig- 
ure 12.5 gives two examples: the inversion of sucrose and 
the inversion of raffinose trisaccharide. As can be seen, in these 
cases Eq. (12.22) is in good agreement with the experimental 
data. 

Attention should be focused on the functional similarity be- 
tween the Michaelis equation and the equation for the rate of a 
heterogencous gas-phase reaction ob- 
tained with the aid of the Lang- 

, the 163 
muir adsorption isotherm tor a par-  ~)y> 
tially covered surface: F 


ax ke 
This analogy is hardly accidental, 

the more so that in both cases zero 

and first orders may be observed in 

the dependence on the values of the 2 

constants and concentrations. Evi- 

dently here we have a similarity be- 

tween the “external” mechanisms, 

which reveals itself in that in both 

cases there is formed at equilibrium 

a transition state and either the sur- 

face or “capacity” of the enzyme is 0 

completely “filled”. It is also essen- 2 +8 he 
tial that an equation of the Michaelis 
equation type is well justified in 
the decomposition of hydrogen per- 
oxide catalyzed by platinum black. Fig. 12.6. The inapplicability 
But not all enzyme-catalyzed reac- of the Michaclis equation (12.22) 
. , . ; to the decomposition of hydro- 
tions obey this equation. For instance, gen peroxide in the presence of 
for the earlier mentioned decom- catalase. 
position of nydrogen peroxide in the 

presence of catalase no linear de- 

pendence of 1/w on [(I/cs) is obtained. As seen from Fig. 12.6, 
two straight lines at least are needed here—one for small and 
the other for high concentrations in order to describe this graph 
by linear functions. 

Kobozev maintains, in conformity with the theory of interme; 
diate coinplex formation developed by him in collaboration with 
Shpilalsky, that in this case the catalytic decomposition of hydro- 
gen peroxideis associated with the formation of two intermediates 
of the Arrhenius ccmplex type and is described by three equa- 


» mole ".Litre-107 
H 2 C5 


'/212—% 


tions: 
Ky 
(la) F+H.O. = FO+H.O 
K, O 
O 


QO fk, 
(2) _ —> F+0, 


Here K, and Ko are the equilibrium constants for the complexes 


M, = FO and Mo =F -, and &, is the rate constant for the uni- 


O 
molecular decomposition of the complex F -. According to the 
O 


theory of intermediate complex formation as formulated by Shpi- 
talsky, we have: 
CM, 


ol 7 ey re Wa 
(Cp — Cm,  &M,) CEO. 


(12.25) 


Cc 
M, 
Ko — . 


3 (12.26) 
(Ce — €m, — &M,) H,0, 
Here, as before, it is assumed that the formation of intermediates 
in small equilibrium concentrations does not alter the concentra- 
tion of hydrogen peroxide. 
The rate of the reaction is written as follows: 
dC11,0, 


(OO — Se ab — RC, (12.27) 


Solving these equations, we find directly: 


Kyene 
[CF IT,.0. : 
cM, — Tike... tke (12.28) 
9) 
K yc -Cy - 
ra kk FI.O. . 
CM, =e (12.29) 


> 3 
1 Aye 9. + Aacto. 


Now on the basis of relations (12.27) and (12.28) we may write 
an equation for the reaction rate in the form: 


Kc? 
w= hop ———n 2H» (12.30) 
I + Kyey1,0, 1+ K2¢},0, 
Introducing the notation 
RC; =f (12.31) 


we shall be convinced that Eq. (12.30) can describe the various 
special cases. Indeed, it yields: 
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(a) zero order when K,¢i,5, > K,Cy,0, > 1 and 


w= 


since the first two terms in the denominator may be neglected 


as compared with the third term; 


(b) first order when A,c,, 5, > K,Cf,,5, > 1 and 


_— 2 6 
wT K, “11.0: 


(c) second order when K,c¢},5,<1>K,¢,,5, and 


9) 
1 — rK2Cjy.0, 


(d) an equation of the Michaelis equation type, i.e., a frac- 
tional order, higher than zero order and smaller than first order, 


the 2 
when Kyiey,6, > 1 < K.cj,,9, and 


Ko - 
° 11.0, 
wy =r (12.32) 
l 4 Ke 
K, CHO, 
(ec) a fractional order when 1 & 
K 64,0, Kol hi 0 and Eq. (12.30) 


must be used in its complete form. As 
seen, Ea. (12.30) is capable of provid- 
ing a highly varied kinetic picture. [To 
compare with experimenial data, let us 
represent Eq. (12.30) in the following 
form: 

C1H.0, | l I K, | 


7 + Tr CEO, 


(12.33) 


wy ri C14,0, r Ky 


Figure 12.7 shows a theoretical curve 
plotted in accordance with this equation 
in the coordinates ¢ipoj(/W and — €itgd9- 
As can be seen, this curve passes 
through a minimum in the region of 
small concentrations of hydrogen per- 


CHaly 
—___—— x 


r, 2 
ae to 


a 
24 & 6 fd 12 14 16 
ene Cy.0,*10" 
Cc 5 
Ho Dolmin) 


Figo. 12.7. The type of the 
theoretical curve correspond- 
ine to Eq. (12.30) of the 
theory of the intermediate 
complex formation for the 
enzyme-catalyzed decompo- 
sition of hydrogen peroxide 
(the concentration in mole X 
 litre7!; the rate in mole X 
S litre! - min!) (after 
N. I. Kobozev). 


oxide. At high concentrations the function is linear, the slope be- 


ing given by 


an ow 
an p= — 
and the intercept on the ordinate 
1 K, 
ba —- tb 
r Ke 


'/g12* 


(12.34) 


(12.35) 
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At the same time the concentration of the peroxide, which corre- 
sponds to the minimum, is connected with Kg, i-e., 


I 


C = 
HO, (min) lp 
V Ke 


(12.36) 


Thus, having an experimental curve of the type shown in Fig. 12.7 
at our disposal, we can readily find all the constants of Eq. (12.30) 
that characterize the catalytic process under given conditions. It 
should be noted that the Mi- 
chaelis equation 


CHO, ] l 
——— = ——_ + > Cro, (12.37) 


would have given a= straight 

line over the entire range ol! 
v2 & 6 68 10 concentrations. 

CH,0x 10; moles/litre The theoretical curve  ob- 

_ tained by Kobozev has been 

Fig. 12.8, The decomposition of hy- compared with the data on the 


drogen peroxide in the presence of lec ti hyd 
catalase. The reaction rate in GecOMposilion O ydrogen 
mole: litre-!+min-}. peroxide catalyzed by various 


catalysts—catalase, hemin = in 
solution, heterogeneous catalysts, platinum black, platinum and 
gold sols. As an example, Fig. 12.8 presents data for catalase.* At 
small concentrations of the peroxide there is a distinct deviation 
from the linear plot, but the minimum here is not explicitly pro- 
nounced. Nonetheless, it is possible to obtain theoretical curves 
close to the experimental plot by increasing the relative value of 
the equilibrium constant Ky for the formation of the intermediate 


Fs. Thus, the scheme for the catalysis of the decomposition of 


hydrogen peroxide by catalase, which involves the reversible for- 
mation of two intermediates, is in better agreement with the ex- 
perimental data than the Michaclis scheme. 


12.8. Kinetics of Autocatalytic Reactions 


In the category of homogeneous autocatalytic reactions we 
include reactions that are accelerated due to the formation of a 
catalyst—the reaction product—during the course of the pro- 
cess. The initial acceleration of the formation of acetanilide in the 
decomposition of tertiary amylacetate was detected by Menshutkin. 
The graphical representation of the course of the reaction in the 


* H. von Euler and K. Josephson, Lieb, Ann. and Chem., 455, 1 (1927); 436, 
11 (1927). 
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coordinates “the amount of ester decomposed” and “the time” 
gave a typical sigmoid curve with a point of inflection at 50 per 
cent of ester decomposed. Konovalov (1887) proved that the accel- 
erating effect in the Menshutkin reaction is due to the acetic acid 
formed and gave an equation for the reaction rate in the following 


form: 


dx I 
w = = (100 — x) («+25 P) (12.38) 


where x is the amount of ester decomposed in per cent; P is the 
initial concentration of acetic acid; 2— is the ratio of the mol- 


ecular weights of the ester and acid. 

Konovalov’s work was preceded by the work of Ostwald (1883) 
who had derived an equation for the rate of the hydrolysis of me- 
thylacetate ester in the presence of acetic acid added as a catalyst 
at the start of the reaction: 


Sak (b+ 2) (a — x) (12.39) 
where a is the initial concentration of the ester; x is the amount 
of ester reacted; 5 is the initial concentration of acetic acid. 

We shall now write the equation for an autocatalytic reaction 
in a somewhat different form, basing also on the hydrolysis of an 
ester, though this time it is the cthylacetate ester: 


CH3COOC2H; + HQ —» CH3;COOH + C.Hs0H 


The processes of hydrolytic cleavage of esters of this kind are in 
general typical autocatalytic reactions. The catalyst is the acid 
formed, more exactly the hydrogen ions. In the presence of the 
preliminarily added strong acid the reaction is known to obey an 
ordinary first-order equation with a rate constant proportional to 
the concentration of the acid. Let a denote the initial concentra- 
tion of the ester and x the amount of ester reacted and, hence, 
the amount of acetic acid formed. We shall further assume that 
in the initially neutral solution the reaction proceeds at a slow 
but finite velocity—the corresponding rate constant is ko. We 
may assume, for example, the initial effect of hydrogen and hy- 
droxyl ions, which are always present in aqueous solution. The 
overall rate equation is written in the form 

w= = ho (a— x) + bx (a— 2) (12.40) 
Here the first term on the right-hand side corresponds to the rate 
of the uncatalyzed reaction, and the second term to the rate of 
the catalyzed reaction, which is proportional to the concentration 


12—4 
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of the catalyst, x. We shall first take a— x out of the parenthesis 
and then k; we get 


dx Ro 
w= mk ( +2) (a — x) (12.41) 


Or, separating the variables, 
ax 


*o + x) (a — x) 
The fraction must be decomposed into partial fractions and in- 
tegrated. As a result, we arrive at the following relation between 
the amount of substance 


& reacted and the time: 

cS oa 

Se 3 gag Hole [oe (12.43) 
SS at , ka + koe tka t 

S85 ~--tHf_--- Z As can readily be seen, 
so AS) | x=0 at t=0 and at tv 
2 /. | the terms ka and | may be 
<Q ! neglected as compared 


tinF ting Time with the infinitely increas- 


Fig. 12.9 The dependences of the amount ing exponents of the func- 


of substance reacted on time: tion and then x =a. On 
1 and 2—for an autocatalytic reaction; 3—for a the whole, however, the 
first-order reaction. x = f(t) curve has a sig- 


moid character with a point 
of inflection, which is typical of autocatalytic reactions. Differen- 
tiating x twice with respect to time and equating the derivative 
to zero, we find the time corresponding to the point of inflection: 


tint = Ro + ak (12.44) 
It is evidently determined by the values of the rate constants 
and decreases with increasing rate constant of the catalyzed re- 
action. Figure 12.9 presents two curves showing the dependence 
of x on time for various values of &. As regards the extent of 
reaction corresponding to the point of inflection, it is practically 
independent of the values of the constants and is equal to halt 
the initial amount. Indeed, substituting fing from Eq. (12.44) into 
the initial formula for x (12.43) or, more simply, differentiating w 
with respect to x in expression (12.41), we get 


— a (12.45) 


The term &o/2k may apparently be ignored since by the condition 
the constant & ) is small as compared with k&. The point of inflec- 
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tion on the reactant consumption curve evidently corresponds to 
ithe greatest reaction rate w—the slope of the curve dx/dt has 
a maximal value at this moment. It may be noted in this connec- 
tion that the passage of the rate through a maximum at x & a/2 
is generally characteristic of autocatalytic reactions. 

For comparison, Fig. 12.9 also gives curve 3 which corresponds 
lo an ordinary, uncatalyzed first-order reaction—its course is 
monotonic and it has a constantly decreasing slope, ie., with the 
rate which decreases from the initial moment. At a low initial rate 
of the reaction, for example, in the case represented by curve 2 
in Fig. 12.9, there is scarcely any chemical change for some tiie 
during the early part of the reaction. In other words, the reaction 
proceeds with an induction period, the duration of which is as- 
sociated with the accuracy of the analytical procedure emploved. 

Differentiation of x in expression (12.43) with respect to time? 
allows us to find the time dependence of the rate: 


dx ( - + —) (ko + ka) elkstka)t 
a ns ne (12.46) 
“ E +- 1 elk tka) 1 
ko a 


Taking into account that ka/kp > 1, we can, at small ¢, negleci 
the exponent close to unity in the denominator. Then, introducing 
the notation for the constant quantities, 


(G+) (to + ka) : 
(G5) 
ko t+ ka=@ 


we obtain the following relation between the reaction rate and 
time for the early part of the reaction: 


A 


and 


w = Ae® (12.47) 


This expression is close to that derived for the rate of a branched- 
chain reaction (see page 259) also with no account taken of the 
consumption of the reactant. The kinetics of autocatalytic and 
branched-chain reactions happen to be closely related. Therefore, 
ii is not always so easy to differentiate them during an investi- 
gation, though these reactions in general differ substantially by 
their nature. In reactions taking place in condensed systems, for 
example, in the decomposition of explosive substances, the auto- 
catalytic acceleration of the process is often accompanied by acce- 
leration due to heating. 


]2* 
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12.9. Induced Reactions. The Chemical Induction 


We have already dealt with the so-called principle of indepen- 
dency (Chapter 3), according to which two or more reactions in 
a chemical system proceed independently of one another and 
each of them separately obeys the mass-action law. The overall 
reaction rate (the general change of the system) is summed up 
of the individual independent rates. It has also been pointed out 
that this fruitful principle, which its in fact one of the postulates 
of chemical kinetics, is not absolutely general. Many examples 
are known, which violate this principle, this being associated with 
the interplay of reactions, say, via a common intermediate or via 
the final product of one reaction, which acts as the catalyst for 
another reaction. 

In this section we shall be concerned with so-called induced re- 
actions—the phenomena of the acceleration of one reaction due 
to the occurrence of the other. Induced reactions were extensively 
studied by the Russian scientist N. Shilov, whose monograph is 
mainly used here.* The term induced reactions was introduced 
by Ostwald in 1900, and the phenomenon itself was probably dis- 
covered by Kessler in 1855. As a rule, a distinction is made be- 
tween the primary, spontaneous “inducing” process and the in- 
duced process, which does not proceed in the absence of the first. 
For example, tartaric acid does not react with chromic acid in 
dilute solutions but is readily oxidized if arsenous acid is simul- 
taneously oxidized in the same medium. In this case, the reaction 
CrO; + AseO3 is the primary process and the reaction Cro; + 
+ C,HgOgis the induced reaction. In a general form, induced or 
coupled reactions may be written as follows: 


I. A+B — products (the primary reaction) 
Il. A+ C —~ products (the induced reaction) 


Such reactions involve three substances at least; the substance 
A which participates in both reactions is called the actor. The 
substance B, the participation of which in the primary process 
induces the reaction between A and C, is called the inductor, and 
the substance C is the acceptor. 

An important quantitative characteristic of induced or coupled 
reactions is the induction factor. It is defined as the ratio of the 
amount of the acceptor reacted to that of the inductor, expressed 
in moles or gram-equivalents, i.e., by definition, the induction 
factor 


ft 
__ ace (C) (12.48) 
Mind (B) 


* His name is also spelled Schilow (N. Schilow, Z. physik, Chem. Leipzig, 
42, 641 (1903). — Tr. 
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indicates the number of moles or equivalents of the acceptor, 
which enter into reaction per unit amount of inductor reacted. 
It is precisely the fact that the inductor is continuously used up 
in order to induce a reaction that distinguishes induced reactions 
from catalyzed reactions —in catalysis the intermediate com- 
pounds or complexes are destroyed with the regeneration of the 
catalyst and the induction factor is equal to infinity in the case 
of ideal catalysis. Shilov himself formulated the difference be- 
tween induced and catalyzed reactions in the following manner: 
“The rate of any chemical interaction may be expressed, as known, 
by a formula * which is reminiscent of Ohm's law in appearance: 


driving force of the reaction 


reaction rate = : 
passive resistance 


and since the driving force of the reaction is measured, generally 
speaking, by its free energy, then this expression indicates that 
the reaction rate of a chemical process is not exclusively depen- 
dent on the free energy which it can give off ...”. “For the catal- 
ysis phenomena the elimination of passive resistance ** is the 
only possibility of explaining the accelerating effect: since the 
catalyst is not changed during the process, it cannot serve as a 
source of work and, hence, does not change the driving force of 
the reaction ...”. “The situation is different with the phenomenon 
of chemical induction: owing to the fact that the inductor enters 
into the reaction, which proceeds arbitrarily (the primary process), 
and undergoes chemical change, the free energy liberated can 
compensate for the formation of a product, which requires the 
performance of work. Indeed, the oxidation by gaseous oxygen 
has been experimentally shown to produce ozone or hydrogen 
peroxide, which, other conditions being equal, have a larger re- 
serve of free energy than the original oxygen...”. *** 

It is presumed that induced reactions are quite widespread, 
especially in living organisms, but it is not always easy to differ- 
entiate them from catalyzed reactions in practice. We deal here 
mainly with induced oxidation reactions, in which the substance 
A in the above scheme (see page 360), i.e., the actor, is the oxidiz- 
ing agent, since they have been most thoroughly investigated ex- 
perimentally. A typical example is the oxidation by gaseous 
oxygen. Thus, arsenious acid does not react with oxygen under 
“ordinary conditions’, but it is readily converted into arsenic acid 


* This formula was established by Ostwald and is an example of formal 
analogy. 
** The decrease of the activation energy in modern terminology. 
*** N. Shilov, /nduced Oxidation Reactions, A. M. Mamontov Publishers, 
Moscow, 1905 (in Russian). 
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if the oxidation is effected by sulphurous acid in the same medium: 
I. 280. + O2 = 2SO;3 (the primary reaction) 
II. As2O3 + O. = AsoOs (the secondary reaction) 


Usually, the intermediate of the primary reaction in the oxidation 
by oxygen is hydrogen peroxide or other more complex peroxides. 
Not infrequently, they can be isolated and when the primary pro- 
cess is complete they can be used to oxidize the acceptor. The for- 
mation of an energetic oxidizing agent, hydrogen peroxide, pos- 
sibly proceeds by the following scheme: 

Xx+0O, — xXO+0 

H.O+0 — > H.O. 


A further example of reactions of this type is the oxidation of 
indigotin to isatin, which is coupled with the spontaneous oxida- 
tfon of benzaldehyde: 


CsH;CHO + O. —» ...(the primary reaction) 
. indigotin-++ Og —-> ... (ihe induced reaction) 


Here the intermediate energetic oxidizing agent is evidently ben- 
zoyl peroxide. The largest induction factor in such reactions is 
equal to unity—the oxygen is distributed equally between the 
inductor and the acceptor. The theory of direct formation of perox- 
ides in oxidations by gaseous oxygen was formulated by N. A. Bakh 
and was thoroughly elaborated by Engler. 

In his experimental investigations Shilov employed the pro- 
cedure that enables induced reactions to be distinguished from 
catalyzed reactions. If it is presumed that the inductor acts cata- 
lytically on the reaction between the actor and the acceptor, dis- 
appearing simultaneously in the independent reaction with the 
actor, then, assuming that both reactions are second order, we 
obtain the following kinetic equations: 


_ ACacc 


dt RiCeatEact ace (12.49) 
ACoat 
—-+ = Rl eat fact (12.50) 


On the basis of these equations the quantity equivalent to the in- 
duction factor will be defined as follows: 


0 to 

. Ca 

J = 2 (1-« fe ) (12.51) 
Coat 


From this it follows that in this case / will increase with in- 


creasing ratio Cxec/eat: In the case of induced reactions the in- 
duction factor tends to a certain limiting value, corresponding to 
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the conditions when the inductor forms an intermediate compound 
which then becomes entirely involved in the interaction with the 
acceptor. As an example, we give the oxidation of sulphurous 
acid (inductor) and arsenious acid (acceptor) by bromic acid 
(actor), studied by Shilov: 


The primary reaction HBrOQ3 + SQ, 
The induced reaction HBrO,; + As.O3 


Figure 12.10 is a plot of the values of / found experimentally 
versus the ratio of the acceptor and inductor concentrations. 

As seen, / tends to a constant value equal to 2. It is most 
likely to assume the formation of an unstable oxidation state of 
an inductor of the per- 
oxide nature (as an inter- 
mediate), say, of persul- 


phuric acid. ° 
In other cases, such an 3 
unstable oxidation state & 
can be formed only by the § 
actor. For example, in the % 
system HBrO3;+HBr+ 
+ SO, the gradual rege- m 
neration of bromic acid Og 16 24 32 4 
with the transient forma- CAS90, 


tion of bromous and hypo- 
bremous acids and _ bro- 


mine is assumed. Fig. 12.10. The dependence of the induction 
In still other cases, it is factor on the ratio of the acceptor concen- 
possible that the interme- tration to the inductor concentration (after 


diate is a complex com- N. A. Shilov). 
pound consisting of: 

(a) the inductor and the acceptor—the induced oxidation of 
hydroxy acids with arsenious acid and antimony oxide: 


As.O, +. C4yHsO¢ —_—_—> [nAs,O3 ° ft CyH.6O¢] 


C50, 


inductor acceptor complex 
[2tAs2.O3 - mCyHgOg] + Actor —» As.Os + RCOOH + Actor 
(oxidant) (reduced) 


(b) the inductor and the actor—the oxidation of ammonia 
oxychloride by permanganate: 


NH; -+ HClO —» [NH3HCIO] 


actor inductor 


[NH3sHCIO] + Acceptor —» HNO, -+ HCI! + Acceptor 


(oxidant) (reduced\ 
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Phenomena are also known, which indicate that induced 
(coupled) reactions can be made to turn into catalyzed reactions. 
As has already been mentioned, this is possible in general “.,. in 
those cases where the intermediate, through which the primary 
process is tied up with the secondary process is formed by the 
inductor and where it is regenerated under the experimental con- 
ditions ...” (Shilov). Shilov studied the reaction of oxidation of 
sodium thiosulphate by potassium persulphate to give tetrathio- 
nate in the presence of the ferric and ferrous ions, Fe*+ and Fe?+. 
It has been shown that in the presence of Fe*+ ions the reaction 
is catalyzed—its rate is directly proportional to the concentra- 
tion of Fe*+ ions. The Fe*+ ions are considerably more active than 
Fe*+ ions, but with ferrous ions there is no proportionality between 
the reaction rate and the concentration of ferrous salts. Retard- 
ing the catalysis by addition of acid or sodium fluoride, Shilov suc- 
ceeded in demonstrating that for one Fe?+ ion there is oxidized 
one thiosulphate molecule. Thus, here we are dealing with a 
coupled (induced) oxidation of thiosulphate and the Fe?*+ ion, 
which turns into the Fe*+ ion and acts as a catalyst. 

Let us now consider the phenomenon of self-induction, i.e., such 
induced reactions in which the inductor concentration increases 
during the course of the process. A requisite property of self-in- 
duced processes is the initial acceleration of the reaction and the 
passage of its rate through a maximum value. The initial accele- 
ration is not, however, the property of self-induced processes 
alone. As we know, under isothermal conditions the end product 
may accumulate with acceleration in consecutive reactions (sec 
Chapter 3, Sec. 3.3). Autocatalytic reactions, the kinetics of whicn 
have been already discussed (see Sec. 12.8), are also capable of 
being accelerated. 

According to Shilov, the scheme of a self-induced reaction may 
be represented as follows: 

1. The reactants first form certain intermediates, say A’ and B’. 

2. Then the intermediate A’ interacts with one of the reactanis, 
forming a new intermediate compound A”. 

3. The new intermediate compound reacts with the other reac- 
tant to regenerate the first intermediate, i.e., A’. 

On the whole, the scheme may be written thus: 


(1) A+B —> A’+B’ 
(2) A’ +A ——> A” 
(3) AY +B —> A’‘+B’ 
The first reaction is considered to be the slowest, rate-controlling 


step. 
One of the self-induced reactions studied experimentally by 
Shilov is the oxidation of arsenious acid by bromic acid. It has 
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been found that the reaction HBrO3-+ As,O3 is accelerated by 
hydrobromic acid; in the absence of HBr and in weakly acid solu- 
tions the reaction does not proceed at all. At a higher concentra- 
tion of hydrogen ions the reaction starts spontaneously but has 
a distinct induction period. In this initial period there is formed 
a certain amount of HBr: 


(0) 2HBrO; + 3As2.03; —~» 2HBr-+ As.O; (a very slow reaction) 


Further oxidation proceeds with the participation of the inductor 
HBr: 
(1) HBrO; + HBr = HBrO. -+- HBrO (a slow reaction) 
(2) 4HBr + HBrO + HBrO. = 3Br, + 3H,O 
(3) 2Br. + As,O3 -+- 2H.»O = As.O; + 4HBr 


The inductor is formed in reactions (0) and (3) and used up in 
reactions (1) and (2). The entire process is self-induced since the 
inductor HBr and the energetic oxidizing agent Bro are accumu- 
lated. Thus, the cause of the acceleration is the formation of a 
highly reactive intermediate (Bra) which disappears at the end 
of the reaction. This is what apparently constitutes the essential 
difference between self-induced reactions and autocatalytic and 
catalyzed reactions. In catalyzed reactions the accelerating agent 
is present in the system from the beginning and does not disap- 
pear when the reaction is completed. In autocatalytic reactions, 
a catalyst is produced in the course of the reaction as the end 
product, is accumulated and does not disappear cither at the end 
of the reaction. 

On the other hand, this may also be regarded as a similarity 
to the earlier discussed chain reactions, in particular, branched- 
chain reactions—in these reactions there are also accumulated 
active intermediates, which cause the reaction to accelerate. Of 
course, chain reactions, especially in the gas phase, have specific 
features of their own, which include the combustion limits, the 
eoneration of free radicals and biradicals during the course of 
the reaction, etc. The question whether the Shilov scheme is a 
chain reaction or not boils down to another question: Is the sub- 
stance A’ the end product (N.N. Semenov) or an active interme- 
diate (N.S. Akulov)? There is no answer to this question regard- 
ing the overall scheme in the monograph by Shilov. In the con- 
crete scheine of the reactions of oxidation of AseO3 by bromic acid, 
the end product I/Br takes part in the cycle 2-3. This is however 
hardly obligatory for the Shilov scheme; when he was writing 
his monograph, nothing was known about the existence of free 
atoms * and radicals. 


} (fast reactions) 


* Though the “atomistic” oxygen, called “antozone” (the Schénbein theory), 
had already been mentioned in the literature. 
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The kinetic equations for self-induced reactions, given by Snilov, 
coincide with the equation for autocatalytic reactions. Namely, 
if the initial concentration of bromic acid is designated as a and 
iis reduced amount as x, then 

w= ake (a— x) (12.52) 
The reaction rate passes through a maximum at x = a/2. Since 
the equation in this form is inconvenient for experimental testing 
(at x = 0 the value of w is equal to zero and the reaction cannot 
be started), use is made in practice of the formula which is ob- 
tained when account is taken of the hydrobromic acid added in an 
amount 6 to the reaction mixture. 

Then the reaction rate is expressed by the relation 

d 


w= =k (b + x) (a— 2) (12.53) 


which on integration gives the formula 
l a(b+ x) 


=Fastb) "“bia—x) 


Equation (12.53) coincides witl. the Ostwald equation (12.42) for 
autocatalysis by the end product. In this connection, Shilov 
writes: “... in spite of this equation being outwardly identical 
with the Ostwald equation ..., its physical significance is quite 
different. The Ostwald equation implies a first-order process, in 
which one of the reaction products acts autocatalytically, exerting 
an influence only on the rate constant *; the equation derived by 
me applies to a process, which is second order at least and which 
is accelerated by the end product owing to the inclusion of side 
reactions”.** This quotation from Shilov’s monograph is given 
here in order to emphasize the somewhat mysterious influence of 
the catalyst “only on the rate constant’. There arises the question 
as to how the catalyst can affect the rate constant, if it does not 
take part in the reaction, i.e., does not contribute to tae occurrence 
of some side reactions facilitating the genera! course of the pro- 
cess. Apparently, the concrete scheme of the reactions in the oxi- 
dation of As2O3 by bromic acid is nevertheless the catatysis effect- 
ed by the final product and the fact that the kinetic equations do 
coincide is not accidental. 

Shilov also studied the “self-induced” process of oxidation of 
oxalic acid by potassium permanganate, in which the accelerating 
effect is exhibited by the Mn?* ions. 


k (12.54) 


* My italics (E. Yeremin). 
** N. Shilov, op. ett. 
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In concluding, we may broaden, to a certain extent, the concept 
of induced reactions and, while defining the induction factor by 
means of relation (12.48), use face to denote the number of moles 
of the acceptor reacted additionally per ning moles of the inductor. 
In other words, in this case the primary reaction does proceed on 
its own and the role of the induced reaction is to involve an addi- 
tional amount of the acceptor in the conversion. The concept oi 
induced reactions in this formulation has also been applied to 
homogeneous gas reactions. For example, in the high-temperature 
pyrolysis of methane with ethane added it has been established 
that for one molecule of Cz,Hg decomposed there react additionally 
two methane molecules, i.e., the induction factor is equal to 2. 
Here it is believed that ethane undergoes primary decomposition 
into two free methyl radicals, which then enter into reaction with 
the methane molecules. A similar phenomenon of “chemical induc- 
tion” has been observed in the pyrolysis of methane in a high- 
voltage electric arc in the presence of propane and butane. 


12.10. Fast Reactions in Solution * 


A considerable number of reactions have been dropped out of 
the scope of chemical kinctics until recently—they have been 
considered “instantaneous”. They include numerous tonic reac- 
tions in solutions, say, the dissociation of water and the recom- 
bination of hydrogen ions (oxoniuin ions) and hydroxyl ions 
(hydroxide ions): 


H,0° + OH” == 2H.0O 


Methods of investigation have however been devised for the last 
several decades, which have enabled the range of measured rates 
to be considerably extended. For example, for first-order reactions 
the half-lives (Ty, = 0.693/k;) less than 10 seconds could not be 
accurately measured. Somme new methods allow the half-life pe- 
riods of the order of 10-’ and even 10-° sec to be determined, i.e., 
the interval of measurable velocities is broadened by about 10 or- 
ders. The same is valid for second-order reactions. In the classicat 
work of Bodenstein and Lind (see Chapter 3, Sec. 3.1) the rate 
constant of the decomposition of hydrogen iodide was measured 
within the range from 4X 10-? (781 K) to 3.5 10-7 litre x 
x mole—!-sec—! (556 K). Special methods worked out for fast 
reactions enable the kineticist to measure sufficiently reliably the 
rate constants amounting to 10!9 in the same units. Figure 12.11 


“ For a more detailed treatment of the subject, the reader is referred to the 
monograph by E. E. Caldin (see the list of recommended literature at the end 
of the book). 
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is a pictorial representation of the ranges of reaction rates mea- 
surable by ordinary and special methods. 

It may be said that no special theories are required in order to 
describe fast reactions. They come within the scope of the simple 
collision theory, though their activation energies are very small, 
amounting only to several (2-3) kilocalories per mole. The most 
rapid reactions occur apparently on each encounter * of reactant 
molecules and their rate is limited only by diffusion. 

A complete discussion of a large varicty of existing methods of 
measuring fast reactions is not within the scope of this book; 
among these methods there are simple techniques based, for 


Ordinary methods Methods for fast reactions 


19° 498 


First-order rate constant, sec" 


Ordinary methods , Methods for fast reactions 


. Second-order rate constant, litre-mole™" sec"! 


Fig. 12.11. Approximate ranges of rate constants measured by ordinary and 
special methods for fast reactions. 


example, on the retardation of a reaction by decreasing the con- 
centration of the reactants. When the reaction involves intensely 
coloured substances, then even small concentrations can be mea- 
sured photometrically. This method has been employed to measure 
the rates of reactions in aqueous solution between Fe?+ ions and 
the cobaltioxalate ions: 


Fe?* + [Co(C,04)3]*> = Fe** + Co?* + 3C.027 


and also between the Fe’+ ion and the thiocyanate ion NCS-: 
Fe*t + NCS” = FeNCS* 


The rate constant of the first reaction exceeds 104 litre-mole—!-sec—!. 

In a number of cases, use can be made of the retardation of 
reactions by lowering the temperature. Rate measurements have 
been carried out in ethanol solutions at temperature down to 


* The number of encounters may be less than the number of collisions since 
the molecules that have encountered may collide several times, be.ng trapped 
in the “cage” ol solvent molecules, 
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—114°C when the reaction proceeds by 10° times more slowly 
than at 25°C. With isopentane, use has been made of temperatures 
as low as —140°C. Low temperatures have also been emploved 
in conjunction with other mcthods—flash photolysis or methods 
involving nuclear-magnetic-resonance or electron-paramagnetic- 
resonance spectra. 

Of special methods used for fast reactions, mention should 
be made of the various flow methods: the continuous-flow method, 
the accelerated-flow method and the stopped-flow method. In par- 
ticular, the stopped-flow and accelerated-flow methods have been 
used to measure the rate of the decomposition of hydrogen peroxide 
by the enzyme catalase. The second-order constant determined is 
equal to about 5 & 107 litre- mole—!-sec—!. 

Let us consider in more detail the relaxation methods. The prin- 
ciple of these methods is as follows. The system which is at equi- 
librium is affected in some wav—for example, the temperature or 
pressure is sharply changed. To the new conditions there corre- 
sponds a new state of equilibrium. If is however attained with 
some delay, which depends on the rates of the forward and reverse 
reactions. The time period during which the deviation from tne 
equilibrium state decreases by e times* is callea the relaxation 
time: it is associated with the rate constants. We shall consider 
this relationship on simple examples. 

Suppose that the reaction is first order in both directions, i.e., 

ky 
A == B 
ko 


Suppose that the conditions in the system, which is initially at 
equilibrium, are sharply (practically “instantaneouslyv’) changed. 
To the new conditions there correspond the equilibrium concen- 
trations a and ¢. At the time of observation ¢ the instantaneous 
concentrations a and ¢ still differ from the equilibrium concentra- 
tions by an amount X, i.e., 


x=a-—-a=C—c (12.55) 


The overall rate of the forward reaction leading to a state of 
equilibrium, is equal, at time ¢, to 


—_— —_——_ = kR,a — Roc (12.56) 


We take into account the fact that at equilibrium the rates of the 
forward and reverse reactions are equal; then 


kid — kot =0 (12.57) 


* eis the base of natural logarithms. 
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and substitute the values of a and c from Eq. (12.55) into the 
rate expression (12.56). We obtain 


ax ~ 
aT (Rk, + Re) x (12.58) 


Introducing then the overall first-order constant 


and integrating relation (12.56) between limits from 0 to ¢ and 
from Xp, to x, we obtain the equation 


x= x,e 7"! (12.60) 


which describes the attainment of equilibrium. In this equation, 
Xo signifies the departure from the equilibrium concentrations im- 
mediately after the initial conditions are changed. The rate of 
attainment of equilibrium is determined by the constant & which 
is the sum of the rate constants of the forward and reverse reac- 
tions. When kt = kr = 1, then x/xo = 1l/e, i.e., the difference be- 
tween the instantaneous and equilibrium concentrations decreases 
by e times. This time interval tr is called the relaxation time. Ob- 


viously, 
t~-'= k=, + ho (12.61) 


and the relaxation time is a quantity which is the inverse of the 
sum of the rate constants. In numerical value t is close to the 
half-life period 7y, since 


T 
2 = kT, = In2=0.693 (12.62) 
T 2 


As known (see Chapter 2, Sec. 2.1), the inverse of any first- 
order rate constant is equal to the average life-time of reactant 
molecules under given conditions. Therefore, introducing the 
average lifetimes of the molecules A and B, ta = I/k, and 
tp = I|/ko, we may write: 


t |= Th + t,' (12.63) 


Let us consider a reaction which is second order in the forward 
direction and first order in the reverse direction: 


<= 


ki 
A+B mm C 

kes 
The instantaneous concentrations of the reactants are denoted 
by a, 6 and c. The equilibrium concentrations corresponding to 
the new, sharply changed conditions, are designated by a, b, and C. 
At time ¢ after the conditions are changed the instantaneous con- 
centrations are still less than the equilibrium concentrations by 


12.10. Fast Reactions in Solution 371 


Pe nnn o_O ————————————— ae 


the amount x: 
x=a—@=b—b=i-—c (12.64) 


The observed reaction rate at this moment is expressed by the 
difference between the rates of the forward and reverse reactions, 
1.€., 

dx 


which vanishes at equilibrium: 
kab — kot =0 (12.66) 


Expressing the instantaneous concentrations through x (12.64), 
cinploying also the equilibrium condition (12.66) and neglecting 
x? because of the small displacement, we may write the reaction 
rate as follows: 


d ~ 
— =~ = [ky (G+ 5) + hal (12.67) 


Obviously, that for the given experiment the bracketed term is 
constant and may be regarded as a first-order rate constant * (k} 
of the equation describing the approach of the system to equi- 
librium. The relaxation time is defined, as before, as the inverse 
of R: 


ti =k=k, (4+ 6) + ke (12.68) 


In order to determine the rate constants Rk; and ko, one should 
find experimentally the value of t for a number of concentrations 
a+ 6 and calculate the rate constants from the straight-line de- 
pendence obtained. If the equilibrium is strongly shifted to the 
right, as, for example, in the neutralization reaction 


R, 
H,0° + OH” = 2H.0 
k 


the constant Rk) is negligibly small and Eq. (12.68) simplifies to 
t-'=k, (a+ db) (12.69) 


In the practical utilization of relaxation methods, use is made 
of various experimental procedures. In the temperature-jump me- 
thod, for example, the temperature of the ionic solution is sharply 
changed by discharging the capacitor which is charged to a volt- 
age of the order of 100 kV. Thus, during the time of about 10-° 
sec it is possible to raise the temperature by 2-10°. The subse- 
quent establishment of equilibrium is followed by means of various 
inethods: by recording the change oi electrical conductivity by 


* At small displacements. 
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means of a bridge circuit, incorporating an oscillograph, by re- 
cording photometrically the change of the colour of the reactants 
or of the indicator added and by other sufficiently rapid methods. 

In the electron-pulse technique, use is made of the superimposi- 
tion of an electric field, which increases the degree of dissociation 
of a weak electrolyte. Relaxation methods also include various 
techniques associated with the absorption of ultrasonic vibrations. 
The methods described have been used to measure the rates of one 
af the fastest reactions—the recombination of hydrogen ions and 
hydroxyl (hydroxide) ions. The dis- 
sociation constant and its tempera- 
ture dependence for this reaction are 
well known and ko < k,. Therefore, 
according to Eq. (12.69), 


l 
k= 
t ({OH~ | + [H30*] ) 
Table 12.6 lists the results of mea- 
surements of the rates of this reac; 


tion and some other reactions in- 
volving the proton transfer. 


12.12. Block diagram of 


Fig. 


apparatus for study of kinetics 
by flash photolysis (after Bridge 
and Porter): 


1—to the high-voltage source (ca. 
15 kV); 2—trigger; 3&—capacitor; 
4—{lash lamp; 5—reaction vessel; 
6—sottrce of monochromatic light; 
7—lisht filter; 
6—piiotomultipliers; 
1{-—oscillograph. 


§— spectrograph; 
10—amplifiers; 


Methods that make use of relaxa- 
tion include flash photolysis. The ap- 
paratus employed is schematically 
Shown in Fig. 12.12. The system is 
brought out of equilibrium by means 
of an extremely intense flash of light 
from a special photoflash lamp, and 


then the rettirn of the system to equi- 

librium is followed. Thus, illuminating a solution of iodine with a 

flash of light can cause the dissociation of its molecules into their 
atoms: 

tv 


I, >» [+] _*, I, 


Immediately after the flash the concentration of undissociated 
molecules is measured photometrically, using their ability to ab- 
sorb light in the visible region and the fact that the atoms do not 
exhibit this ability. As known (sce Chapter 8, Sec. 8.6), in the gas 
phase the recombination of iodine atoms is a third-order reac- 
tion—the participation of a third body is required. The activation 
energy is close to zero. In solution, where the solute is surround- 
ed by the solvent molecules, which are ready to accept extra 
encrgy, no special third body is required and the reaction proceeds 
by second-order kinetics. According to the measurements carried 
out by Wallard in CCl; at 25°C, k =(69+0.6) & 10° and at 
50°C the value of k = 1.03 & 10'° litre-mole-!-sec-!. These values 
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TABLE 12.6. The Reactions of Hydrogen and Hydroxyl! Ions. 
The Second-Order Rate Constant R (litre -mole'-sec”') in Water 


Ion Reagent Method t, °C b 

H,0° OH > Temperature-jump}| 23 (1.3+0.1) & 10!! 
Phenol red 13 3X 10!! 
Chlorophenol red 13 2.3 10"! 

OH Cresol red — 4 10° 
Phenol phthalein — 1X 10° 

H,0” | OW Electron-pulse 25 (1.40.2) & 10! 
SH 25 (7.5+1) X 10” 
F 25 1x 10!! 

OH7 NH, 20 (3.30.3) & 10! 
CH3NH; 20 3.7 & 10!° 

H,o* | SOT Ultrasonic absorp-| — (14-0.5) & 10"! 

tion 

HSO; 20 2x 108 

OlT- NII; 20 3x 10!° 


are close to the rate constant of the diffusion-controlled reaction 
between the uncharged molecules (fp ~ 10!°). The activation 
energy calculated from the given values of k (E, = 3.2 kcal/mole) 
practically coincides with the value found for the diffusion of 
iodine in carbon tetrachloride. Thus, under these conditions the 
molecule is formed on each encounter of the atoms. 

The rate of recombination of iodine atoms in solutions has also 
been determined by more ordinary photochemical methods. The 
results obtained are presented in Table 12.7. 

As can be seen, this method too gives the value of Rk of the 
order of 10!° litre-mole-!-sec—!. If the reaction involves free radd- 
icals, a study of electron-paramagnetic-resonance (EPR) spectra 
may prove to be effective in the investigation of kinetics, EPR 
being a phenomenon associated with the presence of an unpaired 
electron on radicals. Such an electron may be tentatively reeard- 
ed as a rotating charged body with a certain quantized momen- 
tum (the quantum number called the spin is equal to '/2). Related 
with the rotating charge is the magnetic moment directed along 
the axis of rotation. In a strong external magnetic field the mo- 
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TABLE 12.7. The Recombination of Iodine Afoms in Solutions at 25°C 


Solvent k, litre/nole~!-sec—!-10—° 
Hexane 13.1+1.6 
Carbon tetrachloride 8.2-+-2.] 
1 ,3-Hexachlorobutadiene 6.11.2 
Flash photolysis 
Carbon tetrachloride 6.9+0.6 


ment is oriented either along or counter to the field. These two 
orientations differ in energy. Thus, in the magnetic fleld the 
electron can occupy two energy levels. It can be made to move 
from one energy level to another by superimposing a second, con- 
siderably weaker field which varies with a certain resonance fre- 
quency. If the components of the magnetic moment of the electron 
are equal to +p and —n, the energies of the orientation in a field 
of intensity H will be equal to —ywH and +H. The electrons of 
a substance are classified into two groups with energies differing 
by 2uH. In a state with a lower energy there are more electrons 
since in a thermal equilibrium the ratio of the numbers of elec: 
trons is defined by the Boltzmann law: 


n _ 
—pper —e kT (12.70) 
1 ower 


Here Ac = 2uH < RT and in a typical case this ratio is equal 
to 0.998. 

In resonance with a variable magnetic field having a frequency 
of v = 2nH/h there is observed a maximum of energy absorption. 
As seen, the resonance frequency is proportional to the strength 
of the principal magnetic field. Therefore, in studying absorption 
EPR spectra, it is more convenient, with the frequency of electro- 
magnetic radiation kept constant, to attain resonance by changirig 
the principal magnetic field strength HW. With an applied field of 
H = 3000 gauss the resonance frequency is close to 10'° sec. 
This corresponds to the wavelength of clectromagnetic radiation 
in the microwave region of A ~ 3 cm. When an electron interacts 
with a proton, which also has a spin of / = '/o, or with other 
nuclei with spin J the energy levels may be split: then in the EPR 
spectrum there will be observed not one but several absorption 
peaks. By means of observations of this fine or even superfine 
structure of the EPR spectra it is sometimes possible to identily 
radicals. On the other hand, by studying the conditions of disap- 
pearance of the fine structure we can determine the average life- 
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time of radicals, i.e., in the long run, the velocity with which they 
disappear for some reason or other. 

The average lifetime of a radical (t) is associated with the 
width of the absorption line in the EPR spectrum. At this point, 
there might be useful to draw an analogy with optical spectro- 
scopy where the intrinsic width of the light absorption line is de- 
termined by the uncertainty of the energy of the upper excited 
state of the molecule, e. This uncertainty is specified by the Heisen- 
berg principle: 

_ A 
where 6e is the interval of energy values, and 6¢ may be identified 
with the average lifetime t of molecules in an excited state. Since 
the ground state is, as a rule, stable, t = oo and e’ is single- 
valued, the uncertainty of the energy of the upper level specifies 
the width of the observed line: 


6v = 6 (&”% — & )/h = be’/h= 5 mt” sec! (12.72) 


Here e” and e’ are the energies of the excited and ground levels; 
vt’ i: the mean lifetime of the excited level. For the light absorp- 
tion line in the visible region with a width of 64 = 0.001 A, the 
value of t’’ is equal to 10-8 sec—this is the “ordinary” mean life- 
time of the electronically excited states of the molecule. 

In EPR spectra the width of the absorption line is associated 
with the uncertainty of the energy values for an electron in both 
states. However, in this case too the line width may be tied up 
with the mean lifetime of a radical as a whole. This has the 
following relationship to kinetics. In the absence of a reaction, 
say, at low temperatures, there is observed a narrower sharp line. 
When the reaction takes place, the line is broadened since the 
average lifetime of the radical is shortened. 

Good examples of the kinetic use of EPR spectra are the in- 
vestigations of liquid sulphur and naphthalene ions. Sulphur is 
known to melt at 119°C. On heating up to about 160°C its vis- 
cositv increases, reaching a maxitnum at about 178°C. The EPR 
Spectrum is a single line which is broadened from 40 gauss at 
200°C to 100 gauss* at 414°C. These changes and the EPR 
spectrum are associated with the opening of the Sg ring and with 
the formation of a more or less long polymer diradical: 


S3 == —S(Sn)S— 


* Since the maximum of absorption of electromagnetic oscillations is attain- 
ed by changing the field strength, ihe line width can also be measured in 
field strength (induction) units. 
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The broadening of the absorption line should be tied up with the 
decrease of the average lifetime of the biradicals (the depolymer- 
ization process); it has been found that t = 107° sec. 

A specific feature of the kinetic uses of EPR spectra (and also 
of nuclear magnetic resonance or NMR spectra) is the possibility 
of measuring reaction velocities (with the participation of rad- 
icals) at equilibrium. Here exchanges of electrons become im- 
portant. Ii an ether solution of naphthalene is treated with sodium, 


there will be formed paramagnetic naphthalene ions CyoHs, which 
also give a characteristic EPR spectrum. Upon addition of na- 
phthalene to such a solution the absorption lines are broadene‘!, 
i.e., the average lifetime of the ion is shortened. It is presumed 
that this is associated with an exchange process of the type 


CioHs + CioHa === CroHs + Croll 


If k is the rate constant, then the rate of the reaction in any di- 
rection will be given by 
d[N] 


w= — Sk [NIN] 


It has been established that at 30-35 °C the rate constant depends 
on the cation species (Kt, Nat, Lit) and the solvent and its val- 
ues lie within the range of 10’ to 10° litre-mole—'-sec7!. 

In conclusion, let us consider the application of nuclear mag- 
netic resonance (NMR) spectra. Any compound, whose molecuies 
contain a nucleus with spin, a proton, the ordinary isotopes of N 
arid F, the less widespread isotopes of C and O (but not '*C and 
lO), can give NMR spectra. In other words, a substance having 
such nuclei can, while residing in a sufficiently strong magnetic 
field, absorb electromagnetic radiation possessing a resonance 
Irequency. The theory of NMR spectra is closely related to the 
theory of EPR spectra, but the resonance frequencies defined by 


the relation 
hv = 2h 


differ considerably from the EPR frequencies. Thus, for example, 
for protons the magnetic moment wt = 1.42 & 10-*8 erg-gauss—! 
and is about 657 times less than that of an electron. With a field 
of H = 10* gauss the resonance frequency v = 4.96 X 10’ sec-}, 
which corresponds to the wavelength A = 10% cm or 10 m, which 
is in the radiofrequency range. 

Compounds in which all the hydrogen atoms are equivalent 
and which contain no nuclei with a magnetic moment, for example, 
ordinary water or benzene, give a single proton resonance line. 
But, for example, in the alcohol CH3;CH,OH there are three non- 
equivalent hydrogen atoms in the groups CHe, CH; and OH. The 
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electron environments are different for these atoins and with an 
instrument of medium resolution the absorption line is split into 
three lines—there are observed so-called chemical shifts. When 
the protons are non-equivalent, their interaction via the electrons 
of molecules is also possible. This is known as the spin-spin coupl- 
ing which leads to an additional splitting of the energy levels of 
the protons and to the appearance of a superfine structure in the 
spectrum. By determining the shape and width of the absorption 
lines in the proton resonance spectrum and also their change 
caused by the conditions, say, the temperature and the amount of 
the reference substance added, it is possible to arrive at the rate 
of some reactions. Thus, the broadenings of the nroton line of 
water in the presence of alcohol under the action ci acid and base 
added have heen interpreted with the aid of the following ex- 
change reactions: 


kh, 
(1) ROH + CH == RO +H:O k; =2.8X 10° litre» mole —!-sec—! 
Or 
ROH’ + HOH + ROT = RO’ + HOH’ + ROH 


hy 
(2) ROH + RO” = RO™+ ROI! bo = 1.4% 108 
(3) ROH + HON == ROH’ + HOH k, = 08 
ke, 
(14) ROH +H,07 == ROH; + H.0 ky = 2.8 108 


OT 
ROH + H’OII-+ ROH? =~ ROH’H* + HOH + ROH 


k- 
(5) ROH’ + ROHS == ROH’II+ ROH kg =1 XX 108 


The intrinsic line of water becomes narrower in the presence of 
acids and bases. This happens because of the so-called “fast” ex- 
change, which causes the “exchange narrowing” at 25°C: 


R — = 
HO + H,0t == H,0*t + H.O k, ~ 1.1 10'° litre» mole |+ sec7! 


R. 
H.O+ OH == OH -+H:0 ko 5.5 & 10° litre: mole—!-sec—! 


There have also been developed photochemical, fluorescence and 
electrochemical methods of measuring reaction rates. 

The Theory of Fast Reactions. As calculations show, the kinetics 
of many fast (but not very fast) reactions are described by for- 
mula (7.12) of the simple collision theory of bimolecular reactions: 


R = 2€ 


Here 2, the frequency factor, has, as a rule, a value close to the 


“normal” value: 
2p = 2.8 10!' litre» mole—'- sec! 
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[see Eq. (7.17)], and E is the energy of activation. The reaction 
proves to be fast due to the small value of the energy of activa- 
tion. The effect of the change of E at constant 2) on the rate 
constants can be traced out from the values of Rk calculated by 
the equation k = 10"! exp (—E/RT) for different values of E 
at 25 °C: 

E, keal+ mole— 14 125 10 7 4 (0) 

k, litre- mole’ -sec~ 10 «10? = 10'—s08———st0® (1084 
The last numbers are enclosed in parentheses because at zero 
energy of activation the reaction rate is thought to be controlled 
by diffusion and the activation energy, though small but still 
different from zero, must correspond to the diffusion process. Rate 
constants of the order of 10!° litre-mole-'-sec—! are interpreted as 
limiting values determined by the frequency of encounters between 
the reactant molecules as a result of the diffusion occurring in 
solution. For a solution containing uncharged particles A and B 
it may be shown, using Fick’s law (the rate of diffusion is pro- 
portional to the concentration eradient), that the number of colli- 
sions between A and B per | ml per second is equal to 


w= 40 (Da + Dg) (ra + 7p) AaMp (12.73) 


Here w is the reaction rate equal to the number of collisions and 
expressed by the number of molecules reacted in 1 ml per second; 
D,x and Dg are the diffusion coefficients for molecules A and B; 
and ra and rs are their radii. Obviously, the factor before the prod- 
uct of the concentrations is the reaction rate constant of the 
diffusion-controlled reaction (kp). Thus, 


Rp = 4 (Da + Dz) (rT, + 7p) mi- molecules—'- seca! (12.74) 


In order to convert to conventional units, we multiply by Avo- 
padro’s number and divide by 1000: 


4AnN 9 ~ 

ky = 0007 (Pa + Dg) (ra + 7p) litres: mole~!+sec7! (12.75) 
From this equation we may eliminate the diffusion coefficients, 
expressing them with the aid of the Stokes-Einstein equation in 
terms of the solvent viscosity and the radii: 


eT kT 


AT 6unyr, ’ BT 61nrp (12.76) 


Now we obtain 


| LL 2 2 
oN ART Ma's) litres: mole! +sec7! = “st , Cat rey 


—_—_ 6 —_—_—————— ——_——— tt 
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Calculations show that the difference in the radii is not signif- 
cant; therefore, putting ra = 7s, we obtain the following simple 
expression: 

8RT 


= ' ° —l, =—) 
b= 30007 litre» mole Sec (12.78) 


According to relation (12.78), the rate constant of the diffusion- 
controlled reaction must be inversely proportional to the viscosity 
of the solvent, and the energy of activation must coincide with 
the activation energy of viscous flow, i.e., must be small as com- 
pared with the activation energies of ordinary reactions. All this 
is approximately consistent with experiment. For example, in 
water at 25°C the viscosity n + 0.01 poise and kp = 0.7 X 
SX 10! litre: mole—!-sec—!, and in benzene and chloroform the val- 
ues of Rp are, respectively, equal to 0.95% 10'® and 1.05 
SS 10!° litre- mole—!+sec—!. These values are all close to the values 
experimentally observed for very fast reactions of uncharged par- 
ticles. For instance, as seen from Table 12.8, the rate constant for 
the recombination of iodine atoms has values of the order ol 
10'° litre- mole—'-sec—! in different solvents. The numerical values 
of the activation energy for reactions, the rate of which is limited 
by diffusion, must lie within the range 1-3 kcal/mole in the case 
of ordinary solvents and small molecules (r ~ 10-® cm). This its 
also consistent with experiment. If the experimentally observed 
activation energy is greater than 6 kcal/mole, diffusion ceases to 
be the controlling factor and activated collisions, the number of 
which is calculated by the ordinary formula (7.12), come inlo 
play. With the “normal” value of the pre-exponential factor this 
corresponds to rate constants less than 10’ litre-mole—!-secu!. 

If the reacting particles A and B are ions, Eq. (12.78) should 
be modified in order to take into account the effect of the electro- 
static forces. According to Debye, 


8RT b 


_ . (12.79) 
D — 3000n -~—e® — 1 


where 
ZylZpe’ 


o = — Ta 


Here e is the charge on the electron; Za and Zp, are the multi- 
plicities of ionic charges; e is the dielectric constant of the sol- 
vent; and a is the distance of approach of the ions (ra + rs), 
required for the reaction to occur. 

As can be seen from Table 12.8, the values of the additional 
factor are less than unity for ions of like charge (forces of re- 
pulsion!) and greater than unity for ions of opposite charge; they 
are also significantly dependent on the adopted distance of nearest 
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R 
TABLE 12.8. The Values of the Factor 5/(e>— 1) = D (ions) 

D (molecules) 
in the Rate Constant of the Reaction Between lons with the Charge 


Multiplicities Z, and Z, for Various Distances a. Water at 25°C 


Rp (ions)/®D (molecules) at various values of a, A 


Za Zp 
2.0 7.0 7.5 10.0 
+2 0.005 0.17 0.34 0.45 
+1 0.10 0.45 0.60 0.69 
—l 3.7 1.9 1.6 1.4 
—2 7,1 3.0 2.2 1.9 


approach of ions, a. In connection with this latter quantity, it will 
be interesting to return once again to the neutralization reaction 
H;,0+ + OH-. It may be regarded as belonging to the category 
o! the most rapid reactions—its rate constant in water, as seen 
from Table 12.8, is 1.4 10! litre-mole—'-sec—'. As suggested by 
Eigen, the rate constants &p calculated by Eq. (12.79) for different 
values of a agree most satisfactorily with the listed experimental 
values at @ ranging from 6 to 8 A. Since this distance corresponds 
to 2-3 internuclear separations in the hydrogen bond, we may 
conclude that reactions of this type proceed by a special mech- 
anism. No proton transfer (in the direct sense) occurs in these 
reactions; what takes place is simply a shift of the proton along 
the hydrogen bond without removal of the solvation shell. In a 
general case, with the participation of the anion A-, this mech- 
anism may be represented as follows: 

H H H 
—H:-- 4 = No.H-O” -+HA 
H” Nu 1 H/ 


Solvated fon A™ 
or, with the participation of a hydroxyl ion, 


H H YW 
Nor ee HHO% ee HAT No-H +0 +A 
H 


Solvated fon HA* 


Very fast proton-transfer reactions are evidently the only reactions 
in which the departure from classical behaviour can be detected, 
namely, the manifestation of the quantum-mechanical tunneling 
effect. What is meant here is the probability that the particle will 
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overcome the energy barrier even if its energy is less than the 
height of the barrier. The point is that for a proton the de Broglie 
wavelength A == h/mv has the largest value as compared with 
other atoms. At ordinary temperatures they are equal to 1-2 A 
and may prove to be of the same order of magnitude as the width 
of the energy barrier. For example, the following manifestation ol 
the tunneling effect in kinetics is predicted. Above room temper- 
ature the plot of logk versus 1/7 will be nearly linear in ac- 
cordance with the Arrhenius equation. As the temperature decreases 
the plot will deviate from the straight-line course in such a 
way that the observed rate will increasingly exceed the rate cal- 
culated by the Arrhenius equation. This is associated with the 
decrease of the fraction (or number) of molecules possessing an 
energy higher than the barrier and, hence, with the increase of the 
fraction “penetrating” through the barrier. A rather large number 
of cases involving curvature of the Arrhenius plot have been de- 
tected up to the present time. It is possible that part of them are 
due to the quantum-mechanical tunneling effect. 


CHAPTER 13 


Kinetics of 
Topochemical Reactions 


13.1. General Description of Topochemical Reactions 


Under the heading of topochemical reactions should be included 
numerous processes which involve one solid substance at least 
among the reactants and also the products. First there are a 
large number of reactions of decomposition of solids of the type: 


A (solid) —~ B (solid) + G (gas) 
For instance, the dehydration of crystal hydrates 
CuSQ,-5H,0 — >» CuSO,-3H20 + 2H2O0 (vapour) 
or the reaction of lime burning 
CaCO; —>» CaO + CO, 


Second, there are reactions between a solid and a gas, which 
may or may not result in the formation of gaseous products: 


A (solid) + B (gas) —~» C (solid) + [D (gas)] 
An example of such a reaction is the reduction of ferrous oxide 
FeO0Q+ CO — Fe+ CO, 


which plays a great part in metallurgy. 

Third, mention should be made here of the versions of reactions 
of the types listed, in which a liquid is involved instead of a gas. 

All these reactions have one specific feature in common—the 
process is proceeding at the interface between two solid phases, 
the reactant and the product. The name of the reactions under dis- 
cussion stems from the Greek word fopos meaning “place” or 
“site”. The indicated specificity of topochemical reactions gives 
rise to special kinetics which have features common to all the 
types of reactions indicated; therefore, these reactions may be 
classified into a special class of reactions. 

Here we shall consider reactions of the first type, i.e., processes 
involving the thermal decomposition of solids; however, the com- 
mon features of these processes may be extended, with a certain 
degree of reliability, to other types of topochemical reactions. 
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For topochemical reactions the definition of the reaction rate 
(1.4) or (1.5) is not suitable since the process takes place neither 
in the volume nor in the bulk of the substance but at the interface 
between the phases. It is for this reason that the reaction rate is 
defined as the change in time of the degree of conversion (the 
extent of reaction), i.e., the 


reaction rate is given by a=T 
w = dafdt (13.1) 

where a = (No — N)/No if No Sik 
is the reactant and N the S| & 
instantaneous amount of the S| 8 
reactant. XPS 

Figure 13.1 gives general- SES 
ized curves, the portions of gLS 
which have been observed x 1s 


in studying individual reac- 
tions of decomposition of 
solids. The solid curve ex- 
presses the dependence ol 
the extent of reaction on time 
from the start of the reaction Fig. 13.1. The generalized (master) cur- 
(the reaction is conducted ves for topochemical reactions: 
under isothermal conditions of decomposition on times the dotted ewe is 
as far as possible). The fol- the dependence of the reaction rate on time. > 
lowing portions of the curve 

can be distinguished. The portion / corresponds to the rapid 
initial evolution of the gas, which is most frequently caused by 
the desorption of the gas adsorbed physically on the surface of 
the solid. In isolated cases, there may also occur the initial sur- 
face decomposition of the substance. The portion 2 is the induction 
period during which the reaction either does not occur at all or 
proceeds very slowly. The induction period is followed by the 
acceleratory portion 3 which ends at the point of inflection of the 
curve (ai, ti); here the extent of reaction often reaches a value 
of 0.5 but it may be less. The portion 4 apparently corresponds to 
the retardation of the reaction nearing its completion. On the 
whole, we may say that the function a = f(t) is a sigmoid curve 
characteristic of autocatalytic reactions (Fig. 12.9) or of reactions 
in which the final product is formed via intermediate steps (con- 
Secutive reactions, Fig. 3.1). 

The dotted curve in Fig. 13.1 shows the dependence of the reac- 
tion rate (w = da/dt) on time. It is clearly seen that the reaction 
rate increases and reaches a maximum at time fy, = f;. 

It should also be noted that Fig. 13.1 presents generalized 
curves (called master curves), with all the portions observed in 


—™a~ 
sS 


7ime t 


384 Ch. 13. Kinetics of Topochemical Reactions 


reactions of decomposition of solids. Such master curves are ob- 
tained, for example, for the decomposition of lithium aluminium 
hydride, LiAlH,, and mercury fulminate, Hg(ONC)». For other 
processes of decomposition of various solids certain portions of 
the curves may be absent. For example, the period of initial gas 
evolution (portion /) is often found to be missing. Not infre- 
quently, cases are observed, where portions /, 2, and 3 are absent, 
and the reaction proceeds from the start with the greatest veloc- 
ily; as an example may be cited the decomposition of magnesiuin 
hydroxide and silver azide. But in such cases it may be presumed 
that the initial periods /, 2, and 3 are very short, which makes 
them practically non-observable. 


13.2. Mechanism of Topochemical Reactions 


At present there are no generally adopted theories of topochem- 
ical reactions and, accordingly, there are no topokinetic equations 
suitable for the description of all the steps of decomposition re- 
actions. Therefore, we shall confine ourselves to the consideration 
of the most reliable and most widely accepied conceptions. These 
include the concept of the development of the reaction only on the 
interlace between two solid phases, the reactant and the product, 
which was first proposed by Langmuir (1916) in connection with 
the reaction 

CaCO, —> CaO0-+ CO, 


In 1925 McDonald and Hinshelwood formulated the concept of 
the development of a topochemical reaction by way of the forma- 
tion and growth of reaction nuclei—the nuclei of the solid pro- 
duct. The essential feature of this concept is the increase of the 
interfacial area at the first stage of the reaction with the attend- 
ing increase of the rate. 

According to Fraenkel and Getz (1925), the conversion starts 
at separate points—nuclei that are formed on the crystal sur- 
face, which is evidently associated with the various types of im- 
perfections of the crystal lattice. In the simplest case, these may 
be, for example, misfit dislocations climbing to the surface, vacan- 
cies, accumulations of atoms (ions) in the interstices, etc. These 
structural units or elements of the crystal lattice are characterized 
by an increased iree energy and, hence, they exhibit higher reac- 
tivity. The nuclei are also called potential nucleating centres. 

Figure 13.2 is a pictorial representation of the development of 
the reaction in crystals. The growth of nuclei, spherical nuclei in 
this case, begins near the surface nuclei. As the reaction proceeds 
the surface of the nuclei, i.e., the interface between the reactant 
and the solid product, increases, as a result of which the reaction 
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is accelerated. When the nuclei merge, the surface area increases 
to its largest size and the reaction rate reaches a maximum. Then 
the reaction slows down. This picture may be considerably com- 
plicated by the cracking of the crystals, which is attributed, in 
the first place, to the difference in the specific volumes of the 
initial phase and the new phase. 

Mention should also be made of the scheme proposed by Garner 
in 1933 to account for the initial acceleration of the reaction 
[~ = exp (Rt)]: the model of linear branched chains. The reac- 
tion also begins at some sites on the surface, from which thin 
filaments of the product grow. The growth continues until the 
filaments come across one of the cracks in the crystal lattice, 


Initial reaction centres (nuclet) 


ee a ie ar 


Fig. 13.2. The development and merging of spherical nuclei of the solid pro- 
duct in a topochemical reaction. 


where branching, i.e., the formation of new filaments, occurs. Ac- 
cording to the later version of these conceptions, the development 
of such chains takes place only on the surface, and the growth of 
compact bulk nuclei begins at the branching points. 

From the brief outline given above it must be clear that the 
kinetics of the reaction depend on many factors (which are not 
always even accessible to consideration), primarily on the law of 
nucleation, i.e., the generation of potential reaction centres, and 
on the law of growth of the nuclei. 

In this connection let us first consider some possible versions 
of the laws of nucleation. 

Thus, the instantaneous nucleation at the start of the reaction 
may be assumed (the first version). This means that in a crystal 
there exist from the beginning a number of points—nuclei con- 
nected with the regions of the disordered structure of physical 
nature, i.e., as has been mentioned above, dislocations escaped to 
the surface, vacancies, accumulations of ions in the interstices, the 
sites of adjoining of the sharp edges of the crystal faces, etc. In 
other words, the invariable initial number of nuclei No is assumed 
here. In this case, the kinetic law must be determined by the shape 
of the nuclei produced and by the rate of their growth. If we as- 
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sume, in a simple version, the formation of spherical nuclei and 
the constant rate, Kg in cm/sec, of their radial growth, then the 
radius of the nucleus will be Kgf and the volume of all the nuclei, 
i.e, the amount of substance reacted in the initial state of the 
reaction when the nuclei do not overlap, is expressed by the rela- 
tion 


4 
=z MNyK at (13.2) 


Thus, in this case there is obtained the cubic relation @ = f(t), 
which does not, on the whole, satisfy the experimental data. 

Another law of nucleation is the assumption of the first kinetic 
order of the rate of their appearance (the second version). In 
this case, it is supposed that the substance contains a number of 
particular points which are less chemically stable than the re- 
mainder mass of the crystal. These are not yet nuclei but they 
grow into nuclei by way of some activation process. If the stability 
of the substance at all the points is the same, then the probability 
of activation of each point may be set equal to 


AG* 
Vexp (— AG) (13.3) 


where v is some frequency factor and AG* is the energy of acti- 
vation (Gibbs). The rate of nucleation will then be proportional 
to the number of points that have not yet been activated by the 
time considered. If at time zero there are altogether No points 
capable of being activated and the potential centres are not yet 
captured by the product, then the number of nuclei by time ¢ will 
be determined by the following first-order equation: 


N,=N (1 — e7**) (13.4) 


where & is the rate constant for nucleation. At small ¢ the func- 
tion (13.4) may be expanded into a series and only the first 
term left. This will give the number of nuclei formed by time f, 
which is proportional to time, i.e., 


N,;= Nokt 


Using the last expression in combination with formula (13.2) 
obtained on the assumption of the constant radial rate of forma- 
tion of spherical nuclei, we find that a ~ ?¢ for the initial step of 
decomposition. 

We should also consider the law of nucleation at an increasing 
rate (the third version). 

We shall discuss here the method proposed by Bagdasaryan in 
1945. During the formation of a growing nucleus there must 
occur B consecutive elementary processes, the probability of which 
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is the same and equal to &,. In essence, in this model it is as- 
sumed that if all No nuclei have the same size at t = 0, then the 
number of actively growing nuclei at time ¢ is equal to the number 
of nuclei, each of which has successively added p atoms of the 
product. After some time there will be observed the following 
size distribution of the nuclei: 


Ngo remain to be nuclei 
n, have added | atom of product 
no have added 2 atoms of product 


n; have added i atoms of product 


Let us examine the change of this distribution with time. In a 
general form, assuming the occurrence of a first-order reaction, 
we may write the rate of change of the number of growing 
nuclei: 

dn, 

WT ata 7 Ri (13.5) 
where jn; is the number of atoms that add on to the nuclei of 
the j class per unit time, as a result of which they turn into the 
j+1 class. Accordingly, kj-;n;-; is the rate of formation of nuclei 
of the j class from the j — 1 nuclei. 

In a more detailed treatment we may first write 


dio 

dt 
dn, 
dt 
dno 


Fp Rat — Rone (13.6) 


=—=— Rofty 


= Rono —_ Rin, 


In solving these equations we must take into account the fol- 
lowing boundary conditions: all ni, except for no, are equal to zero 
at f = QO and f > oo, and ny is equal to zero at t > ov, 

To solve this system of equations it is also necessary to know 
the dependence of k; on i, i.e., on the number of steps that have 
been accomplished. This dependence is unknown. Therefore, an 
approximation is used here, assuming first that 


p= hk =e = cee = Rh Fy 
and, second, that 
Rp = Rott =Rppeo=K 
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K being the rate constant for a growing nucleus; it is much 
greater than the constant & which refers to the induction period. 
Namely, according to Bagdasaryan, 


K — pede/RT 


in which expression Ae is an additional quantity of activation 
energy characteristic of the induction period. 

Integrating the first two equations of the system (13.6), we 
obtain 


n, =k Note *! (13.7) 
Then, we write the following relation 
am = kn, — kin) = kiNyfe—** — kn, (13.8) 


where Eq. (13.7) is taken into account. Integrating Eq. (13.8) in 
the usual manner, we find 


tye 
ARO" o-kyt (13.9) 


or, in general, 


The number of all actively growing nuclei, n, formed during 
the time ¢, is found by summing up all n; at i ranging from p to 
00, 1.€., 

n= Noe"! ei (13.10) 
p 


This expression may now be represented in a somewhat different 
form. Since 
a L 
oA SY EO 
i] 
0 


then it follows that 
p—! ; 
n= ok — et a | (13.11) 


These equations are however employed in simplified form speci- 
fically for the solution of the problems of the kinetics of topo- 
chemical reactions. Thus, certain considerations lead to the con- 
clusion that for the initial period of time the quantity kt is always 
essentially less than unity, and therefore Eq. (13.10) may be re- 


presented in the following simple form 
(kt)? 
n= No i (13.12) 
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which expresses the power dependence of the number of actively 
growing niiclei on time. 

The next step in the calculation of the kinetics of a topochemical 
reaction may consist in the following. Having chosen, on the basis 
of some more or less substantiated data, the law of nucleation, 
we should make assumptions as to the shape of the nuclei being 
formed and the laws of their growth. All this makes it possible 
to derive a kinetic equation in the form, say, of the dependence 
a = f(t). 

We have considered here only the method worked out by the 
Soviet school: Kolmogorov, Erofeev, and Bel’kevich. The well- 
known Erofeev formula 

a=1—e7k" (13.13) 


is based on the works of Kolmogorov, who studied the process of 
crystallization. Kolmogorov has derived two equations describing 
the conversions in the crystallizing system resulling from (a) the 
erowth of a constant number of spherical nuclei with account 
taken of their overlap; (b) the growth of spherical nuclei, the 
number of which increases at a constant rate, also with account 
taken of the overlap of nuclei. 

Let us first consider the first variant. During the entire course 
of the reaction there are no nuclei per unit volume and the Irac- 
tion of the substance reacted by time ¢ is given by the expression 

a=— nny K3t° (13.14) 
where Kg is the rate of the radial growth of a spherical nucleus. 
The rate of the reaction at this time is expressed by the derivative 


da 


Gy Anny Kat = K [4am Kt] 


In other words, the reaction rate is proportional to the total sur- 
face area of the nuclei. However, because of the overlap of nuclei, 
the actual interface, on which the crystallization takes place or 
the reaction proceeds and to which the reaction rate is propor- 
tional, is less than the sum of the surface areas of the separate 
nuclei. For a random distribution of nuclei it may be assumed 
that the fraction of the effective surface area is equal to (1 — ~) 
of the total surface area. Thus, the reaction rate, with account 
taken of the overlap of nuclei, is equal to 


da 342 
FT BK gl (1 — a) 


Or, integrating, we obtain 


== | — (13.15) 
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where the reaction time raised to the third power appears in the 
exponent. 

In the second variant the rate of nucleation is assumed to be 
constant. This may also oceur in the case of the earlier considered 
first-order law wnen na; = nokt for the initial stage. 

In this case, the number of nuclei formed during the time in- 
terval from ¢=+7t to ¢ =t1-+ dt is equal to dn = knodt, and the 
volume of these nuclei by time ¢ will be 


A ; | 
da = 3 aka, K 4 (t — ty) dt 


Integrating this expression from t=0O to t= tf, we find the 
volume of all nuclei by time f: 


td 34h 
a= kn K Et 


The reaction rate at this time will be written thus: 


Ub = 3 nRN Ki uf 


Then, the overlap of nuclei is again taken into account: 


— = thm) K ne (1 — a) 
whence 
_1 ninyK at” 
a=l—e 
Or 


a=1—e*! (13.16) 


Here the reaction time in the exponential function is found 
to be raised to the fourth power. The Eroleeyv equation is a gen- 
eralized form of Eqs. (13.15) and (13.16). It can be derived by 
using the law of nucieation at an increasing rate, the law deduced 
by Bagdasaryan. It is assumed here that for the conversion of 
any one of the fay nuclei into an actively growing nucleus there 
are required o consecutive steps with the rate constants ky, Re, ... 
..., Rg Omitting the derivation, we write directly the Erofeev 
equation: 


- ae 2 : . Ks K3 1043 
a=l—e OF) & 
or 
Nn 
a=1—e*! (13.17) 


where n =o-+3 and o has the meaning of the number of ele- 
mentary steps in the transformation of a nucleus to an actively 
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erowing nucleus. In a more complete treatment the exponent n 
is expressed by the sum 
n=a+o (13.18) 


where o is the number of steps and a depends on the number of 
directions in which the nuclei grow. Thus, a = 1 if the nuclei 
erow in one direction, a == 2 for two directions and a = 3 for 
three directions. 

The constants k and n entcring into Eq. (13.17) are found by 
the treatment of experimental data, using the relation 


Inf—In(l—a)]—=Ink+alint (13.19) 


Consequently, the double logarithm of 1/(1—«a@) must be a linear 
function of the time logarithm. It is however better to make use 
of the following relation in order to find n: 


1: 
| fog 2] Ss Bling (13,20) 


Let us also consider the concept of the chain nature of topo- 
chemical reactions proposed by Garner (1933). According to 
Garner, the reaction begins on No centres, the activation of which 
occurs at a constant rate. During the decomposition there is de- 
veloped a thin filament of the product, which is growing until it 
encounters one of the cracks in the crystal lattice, this involving 
the formation of new filammenis, which in their turn grow and 
develop. If we ignore the overlap of nuclei, which does not play 
an important part in the carly stage of the reaction, then the 
overall rate of nucleation will be given by 

dV 
dt 


= hyNo + kpv (13.21) 


where ky is the rate constant for the activation of the initial 
centres, and Ry characterizes the probability of branching. 

The Garner model has been refined by Prout and Tomphins who 
proposed taking account of the overlap of linear chains when the 
decomposition has gone too far. In view of this, an additional 
term, Which takes into account the probability of chain termina- 
tion, this being proportional to VN, i.e., to the number of nuclei at 
time 7, was introduced into the Garner equation (13.21). Thus, us- 
ing the notations ol the authors, we obtain 


dv 


IE, = Ri No + kiN —_ RN (13.22) 


where &, is the rate constant lor the activation of centres, k, is 
the probability of branching, and k, is the probability of chain ter- 
mination. If the rate constant of nucleation, 2, is large, then the 
initial potential centres are rapidly consumed, in which case we 
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may use the simplified equation 


N 
_ — (k, — ky) N (13.23) 


All the same, even if 2, is small, the branching process must pre- 
dominate and (k3 —ky)N > RN. In any event, it is assumed 
that 
da 
ape N (13.24) 
This expression considered to be also valid for strictly linear 
nuclei. Equations (13.23) and (13.24) are the basic cquations in 
the Prout-Tompkins theory. Further, for the purpose of integration 
it is necessary to assume a functional relation between the extent 
of reaction « and the probabilities k3 and Ay. The authors consider 
a special case of a symmetrical sigmoid curve (see Fig. 13.1), the 
inflection point of which corresponds to a; = '/>. At the start of 
the reaction (¢ = 0, a = 0) ky is also cqual to sero since at this 
stage no interception is possible. At the point of inflection, at 
a =a, dw/dt changes its sign and hence k3 = ky at aw = ‘Jy. 
Therefore, it seems to be reasonable to apply the following rela- 
tion 
0 2 ~ 
k,= a, k, (13.25) 
The probability k; depends on the geometry of the crystal lattice, 


but for a given substance it is constant. Thus, from Eqs. (13.23) 
and (13.24) we obtain 


dN 
AN ak, (1- a )*=3 (13.26) 
or 
dN Rs; | a 
dt —— ik’ Q, 
and also, separating the variables, 
dN => ks da — ada) 
k oF 
Integrating, we gef 
Rs a? 
— Ps f_ 3.27 
N= \% oa,) 19.27) 


This expression for N is substituted into Eq. (13.24) and at 
a, = '/, the following relation obtains: 


—_ =k, (1—a)a (13.28) 


which is a differential form of the Prout-Tompkins equation. It 
evidently coincides with the term of the Ostwald equation (12.40), 
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which expresses the autocatalytic acceleration of the reaction. 
Integration of Eq. (13.28) by decompesing the fraction into par- 
tial fractions gives the well-known integrated form of the Prout- 
Tompkins equation: 


a 


In 


which is also employed in the analysis of experimental data. 

It should be noted that at the present level of development of! 
the kinetics of topochemical reactions it is often found to be diffi- 
cult to decide what model and, hence, what equation, must be 
given preference in the discussion of experimental data. 


13.3. Some Experimental Data on Kinetics 
of Decomposition of Solids 


Let us now consider some concrete reactions and, in the first 
place, the thermal decomposition of potassiim permanganate, 
which has been cxtensively investigated in the works of the Soviet 
school of kineticists; the reaction proceeds evidently by the stoi- 
chiometric equation 

2K MnO, —_—> KoMnO, +- MnQ, 4 Oo 


The effect of various factors on the kinetics of this reaction has 
been studied by Erofeev. For example, he studied the role of puri- 
fication of the starting material by recrystallization. The reaction 
was conducted in the closed volume of the vacuum apparatus, 
the pressure of the oxygen formed being measured. 

Figure 13.3 is a typical sigmoid curve showing the time de- 
pendence of the oxygen pressure in experiments with the unre- 
crystallized starting permanganale. In the kinetic calculations 
use was made of Eq. (13.17): on the basis of Eq. (13.19) there 
were plotted graphs of log[—log (l—a)] versus the logarithin 
of the reaction time. Examples of sucn plots for a series of expert- 
ments conducted at a single temperature are presented in Fig. 13.1. 
As seen from this figure, there is really obtained a straight-line 
dependence for a considerable part of the reaction time but at the 
end of the reaction there is observed an upward curvature of the 
experimentat curve. which is formally described by the increase 
of the exponent 7; but. in essence, it may be associated with the 
crudeness of the assumption of the proportional relation between 
the probability of nucleation and the amount of substance reacted. 
Table 13.1 lists the values of nm and log k calculated from the 
equation log [—log (l—a)] = nlogt + log k. 

Thus, the value of the coefficient n is close to the integer 2. 
This may be interpreted as an indication that the faces of the 
crystals of the unrecrystallized starting permanganate are covered 


13 —94 
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by a layer of the decomposition products, as a result of which they 
are potential centres. This is consistent with the fact of the visible 
absence of localized reaction nuclei when observed under the 
microscope. To put it in a different manner, the formation of flat 
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Fig. 13.3. A typical pressure- 
time curve for the decompost- 
tion of unrecrystallized potas- 
sium permanganate at 218°C 


(after Erofeev and Smirnova). 
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Fig. 13.4. The dependence of log [—log (l1—a)] 

versus log ¢ for the decomposition of unre- 

crystallized potassium permanganate at 
218 °C. 

The curves are shifted to the right by 0.3 for expe- 


rinient 4, by 0.5 for experiment 3; and for experi- 
inent 2 they are shifted tec the left by 0.2 scale units. 


decomposition surfaces proceeds in a single stage (o = 1) and 
the decomposition itself proceeds in the direction perpendicular 
to the plane of the face (a = 1); thus, n =a+o-= 2 [see Eq. 


(13.18) ]. 


TABLE 13.1. The Constants a and log k of Equation (13.17) 
for Experiments on the Kinetics of the Decomposition of the 
Unrecrystallized Potassium Permanganate at 218°C 


KMnO,, mg n 
34.8 1.84 
43.9 1.89 
34.8 1.85 
34.3 2.12 


UJpper limit of 


lov Rk applicability of Reinarks 


Eq. (13.17) a, % 


—8.26 86 

—8.18 60 Preliminary  degas- 
sing at 100°C 

— 8,28 56 

—8.22 82 Preliminary  degas- 


sing at 100°C 


 N  ——————————  ——  —  ———_——— 


Figure 13.5 shows a curve calculated at n= 2 and logk = 


= —8.26 (experiment 1, Fig. 13.4) and the experimental points. 
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On the whole, it is seen that the calculated curve agrees satis- 
factorily with the experimental data. 

In another work Erofecv investigated, using the same proce- 
dure, the kinetics of the thermal decomposition of potassium per- 
manganate purified by recrystallization. Two series of experiments 


were carried out: the de- 
composition of the per- 
manganate in the form of 
crystals, produced directly 
by recrystallization, and 
thoroughly ground crys- 
tals. The decomposition 
was conducted at temper- 
ature ranging from 21] 
to 227°C. For the depen- 
dence a =f (ft) there have 
been obtained typical sig- 
moid curves of autocata- 
lytic nature, which are si- 
mnilar to those shown in 
Figs. 13.1 and 13.3. From 
the oxygen pressure there 
was calculated the aver- 
age reaction rate 
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Fig. 13.5. The kinetics of the thermal de- 
composition of unrecrystallized potassium 


permanganate at 218°C. 


The circles are the experimental data; the curve has 


been calculated by the equation 
a=1—exp {—|exp (— 19.02)] t?}. 


on the reaction time is given in Fig. 13.6. We can clearly see the 
induction period and the maximum of the reaction rate attained 


TABLE 13.2. The Kinetic Characteristics of the Reaction 
of Decomposition of Recrystallized Potassium Permanganate 


t, °C n, inteyer 


log Rk 


Unground sample 


— 16.346 
—17.816 


Ground sample 


211.5 4 
217 5 
211.5 4 
227.5 4 


— 16.133 
— 14.180 


Limits of applicability of Eq. (13.17) 


“lower: “0 “upper: % 
7.1 93.7 
0.3 90.4 
13.4 98.8 
15.7 95.9 
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almost exactly at am = 0.5. Grinding of the permanganate did 
not result in any significant change of the kinetics of its decompo- 
sition but still led to a somewhat energetic self-acceleration of the 
reaction and to somewhat higher values of an. 

Figure 13.7 shows the plots of log/|—log (l—a)] versus logt 
obtained in this series of experiments. From this figure it 
is seen that the straight-line character of the graph, which is 
characteristic of a considerable part of the intermediate step of 
the reaclion (Table 13.2), is disturbed at the initial and final 


bm Teme, Min 


Fig, 13.6. The dependence of the rate of decomposition of unrecrystallized 
unground potassium permanganate on time. The temperature is 227°C. To the 
maximum there correspond: @,,, = 0.508; ¢,, = 50.4 min. (Aa/At),, = 0.0416 min—!. 


stages. Perhaps, a second straight line should have been plotted 
and considered separately for the initial step. 

In the work under discussion the exponent n was calculated by 
two methods. First, as before, from the straight lines of Fig. 13.7 
and, second, from the maximal reaction rate (Fig. 13.6) in ac- 
cordance with the relation 

n=it (Aa/At) my ty 

1 — amp 


The value of 2 was calculated by the formula 
log k = log [— log (1 — a)] — a log? 


Here an integral value closest to the experimental value 
(Table 13.2) was assumed for n in this calculation. 

According to Eroleev *, in the case where the reaction nuclei 
grow from separate points on the surface of the crystal in three 


* Erolcev, B. V., /zv. Akad. Nauk BSSR, 4, 137 (1950). 


13.3. Kinetics of Decomposition of Solids 397 


directions, n =o-+., where, as is already known, o is the 
number of consecutive steps in the process of formation of the 
product nuclei. Thus, the value of nm = 4 in the case of the finely 
divided compound indicates that the nucleation proceeds in one 
stage. On the other hand, for the unground sample of KMnQ, the 
value of n was equal to 5 in most of the experiments, which cor- 
responds to two consecutive steps in the formation of initial de- 
composition centres. Besides, it was noted that increases from 4 
to 5 with rise of temperature 

from 211-216 to 227°C for | 
the unground sample. 

All these findings have 
been explained in the follow- 
ing manner. It is possible 
that at lower temperatures 
even one molecule of the 
solid product is an_ initial 
centre of nuclear growth. At 
higher temperatures the ini- 
tial centre consisting of one 3 = - _. 
molecule of the solid product 40 45 0 35.5 60 logt 
is unstable and the catalylic Fig. 13.7. The dependence of log [-log (1 -a)] 
process becomes possible on- on log# (time in seconds) for the decom- 


lv when an initial centre is position of recrystallized potassium per- 
formed from two molecules of | manganate at 227°C (curve /) and 222°C 

lid duct og it (curve 2). The unground sample. The cur- 
the SONG produce (1 = 0d). ves / and 2 are shifted to the leit along 
is also possible that when _ the abscissa by 2.1 and 1.7 scale units, 


the permanganate is fincly respectively. 

divided (when in all the cases 

n = 4+), on the newly formed crystal surface there appear such 
irregularities (defects) on which the initial centres consisting of 
one product molecule are stable at all the temperatures studied. 
The values of the exponent n = 4 and n = 5 point to the growth 
of three-dimensional product nuclei (say, spherical, see Fig. 13.2). 
Ilerein lies the essential difference between the kinetics of the de- 
composition of recrystallized and unrecrystallized KMnQ,, the 
value of n for the latter being equal to 2, which, as has already 
been said, is an indication that the reaction is triggered simul- 
tancously over the entire surface of the crystal faces. 

A comparison of the data for the ground and unground samples 
shows the absence of a substantial effect of the grinding opera- 
tion on the general trend of the kinetics of the reaction. From 
this we may conclude that the self-crushing of the crystals during 
the reaction and the associated increase of their surface area are 
not the main factors responsible for the self-acceleration of the 
reaction. 


log [-log(1-«r)] 


NOI 
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It should be noted further that, in spite of the departure from 
the straight-line dependence (Fig. 13.7), the constants found on 
the basis of these straight lines enable one to describe, to a rather 
eo0od approximation, the course of the integral decomposition 
curve a@ = f(t). As an example may be cited the comparison of 
the curve with the experimental points (Fig. 13.8). 

We shall present some data on the kinetics of the thermal de- 
composition of other solids. For example, in still another work 

Eroleev studied the kinetics 
a of the thermal decomposition 
of manganese formate 


1.0 
—> Mn+ CO+ CO, + H20 
06 
and of lead formate 
AY 
2Pb(HCOO), ——> 
0,2 | —>+ 2Pb+ 3CO,-+ CHO + Ho 
0 


y y 6 8 tO s0¢ It has been established that 
the experimental data are 
Fig. 13.8. The solid curve has been cal- described by Eq. (13.17) at 
culated by the equation a= [—expX  y»-—9 As known, this corre- 
X (—3.52 & 107"). sponds first to a single-stags 
Ths points are the, experimental data for recry nucleation process and, sec- 
at 227 °C. ond, to the growth of nucle! 

in one direction. 

According to Erofeev, the first case may occur if the formation 
of initial centres in the decomposition of the formates is a process 
of formation of metal atoms as a result of the reaction taking 
place on the surface: 


Me(HCOO), —> Me -+- H, + 2COr 


The adsorbed H,. and CO, molecules are then retnoved into the 
gas phase. 

[In this case, the rate of formation of initial centres is a first- 
order proccss: 


d ne = k,, [Me(HCOO)s] 


—Rot 


stirface kVoe 
where yo = [Me(HCOO).] is the surface concentration of the 
formate molecules, and t+ is the time. The growth of nuclei in one 
direction means that the decomposition reaction spreads very 
rapidly over the entire surface area of the crystal, as a result of 
which the faces of the crystals are covered by a metal layer. It 
is for this reason that the subsequent decomposition reaction pro- 
ceeds only in a single direction perpendicular to each of the faces. 
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On the basis of these considerations there is derived the following 
equation: 


a= 1— exp |— Aotisovete | —]—e 


where No is the number of crystals in the weighed amount, M] is 
the number of faces in the crystals, Sp is the average size ol the 
faces, Yo is the surface concentration of formate molecules, and Ro 
is a constant. 

From the foregoing it is clear that the kinetics of the decom- 
position of solids depend on many factors and, in particular, on 
the history of the samples being studied. Thus, many authors 
have noted the effect of the “aging” of the samples on the kinetics 
of decomposition: freshly prepared samples decomposed differently 
from those kept for some time. Table 13.3 lists the results of the 
investigations carried out by Boldyrev *, who studied the effect 
of the aging time on the kinetics of the decomposition of lead 
oxalate (PbC.,O,) at 336 °C. 


TABLE 13.3. The Kinetic Characteristics of the Thermal Decomposition 
of Lead Oxalate Aged at 120°C 


Aging time, hr K, ning! n 
2 0.130 1.96 
4 0.100 2.16 
8 0.048 2.40 
14 0.015 2.80 


From Table 13.3 it is seen that the exponent n in Eq. (13.17) 
increases under the influence of aging from about 2 to about 3, 
which is probably associated with some processes occurring on 
the crystal surface. 

Table 13.3 gives another quantity, A, instead of the constant k 
of Eq. (13.17); K has the dimensions of the inverse time; it is re- 
lated to k by the relation proposed by Sakovich **: 


K = nk!" (13.30) 


According to the data of Table 13.3, the rate constant K falls 
off with increasing duration of aging. As the temperature mounts 
the value of n also increases and K decreases. But no much 
emphasis should be placed on the latter circumstance since the 


* Boldyrev, V. V., The Effect of Defects in Crystals on the Rate of Thermal 
Decomposition of Solids, Tomsk, Izd. TGU, 1963, pp. 114-145 (in Russian). 
** Sakovich G. V., Uchen. Zapiski Tomskogo Universiteta, 26, 103 (1955). 
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recalculation of the constant by means of Eq. (13.30) is more 
formal. Relation (13.30) is based on the following considerations. 
Differentiating Eq. (13.17), we can write the reaction rate in the 


form 


_ da 
Oe at 


=nk'/"™ (1 ~a)[— In (i — a) ] 7D (13.31) 
which has the meaning of the rate law and is reminiscent of the 
law of mass action. The coefficient before the terms containing a, 
i.e., nk'/" = K, may be called the rate constant. 

In a number of works, in this connection the values of & exper- 
imentally found from Eq. (13.17) are used to calculate [relation 
(13.30)] the constant A, which apparently exhibits better con- 
stancy. The following reasoning is in favour of this. The coeffi- 
cient n may vary for the same reaction because of many factors— 
with change of temperature (Table 13.2), purity of the sample, 
and, in general, its history (Table 13.3), but this is evidently as- 


TABLE 13.4. Thermal Decomposition of Nickel Oxalate with 
Lithium and Scandium Added 


Average value of n at temperature, °C 


Substance added 
236u PASI) 300 


No substance added 3.60 3.30 3.80 
Lithium 4.18 4.16 4,10 
Scandium 2.93 2.69 2.75 


sociated also with the change oi the dimensions of k equal to 
[¢-"]. Besides, as pointed out by Sakovich, the activation energies 
calculated from the temperature dependence of K are closer. to 
those determined by other methods than the activation energies 
found from the values of R. 

As has already been pointed out, the initial decomposition 
centres are probably the defects of the crystal lattice. Interesting 
in this connection are the attempts to produce defects artificially. 
Thus, Erofeev and Mostovaya have studied the decomposition of 
nickel oxalate with added substances of a different valency, 
namely, lithiim as a metal of lower valency (0.145-6.0 mol. % ) 
and scandium as a metal of higher valency (0.13-3.05 mol. %). 
The results obtained are presented in Table 13.4. 

Thus, the lithium added increases n, and scandium decreases 
it. These changes are ascribed by the authors to the increase of 
positive holes in the crystal lattice of nickel oxalate to which 
lithium is added and also to their decrease in the samples doped 
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with scandium. It is believed that in the presence oi positive 
holes the formation of initial growth centres of the solid product 
nuclei is possible only after their destruction as a result of the 
recombination with the electrons supplied by thermally decom- 
posing anions. Associated with this is the increase of the number 
of electrons consumed, on an average, for the formation of initial 
centres and the corresponding increase of the exponent n when 
lithium is added. 

On the other hand, in samples doped with scandium, part of the 
nickel atoms may be in the state Nit or Ni® so that for the initial 
growth centres of the nuclei of the solid product to be formed on 
them, a smaller number of electrons is required, which is what 
reveals itself in the decrease of the parameter n. Thus, the vari- 
ation of n is the result of the change, under the influence of the 
added substances, of the number of elementary steps in the pro- 
cess of formation of initial centres of the decomposition of nickel 
Oxalatl:. 

Tie study of the kinetics of topochemical reactions is a rather 
complicated task, which is accounted for, say, by the difficulty of 
creating isothermal conditions for the reaction, especially in the 
early stages. Furthermore, there are too many factors which exert 
an influence on the reaction velocity and which make it difficult 
to obtain reproducible results. It often happens that the experi- 
mental curve is more or less satisfactorily described by various 
kinetic equations. Since each of them is associated with various 
models, it is very difficult to decide which model should be used 
and to draw an unambiguous conclusion as to the mechanism of 
the reaction. As an example, reference may be made to the work 
of Prodan and Pavlyuchenko * on the thermal decomposition of 
cadmium carbonate in vacuum. The authors refer, first, to the lit- 
erature data, according to which the rate of the decomposition 
of cadmium carbonate, depending on time, may pass through a 
maximum or be the largest from the start of the reaction and 
described by various equations: 


l. = ka" (1 =a) 2, 1—Vi—a =kt/3 
qa, 4, da Up 
3 TP Re 4, di =k (l —a) 
fe 
5. a=l—e 6. log = kt/2.5 
l—a 
7. Ina=kt+C 8, In ——— = kt + C 


* Heterogeneous Chemical Reactions. Edited by M. M. Pavlyuchenko, Minsk, 
Izd. MV SSO, 1961, p. 79 (in Russian), 
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Second, on the basis of the experimental data obtained by these 
authors, they come to the conclusion that the kinetics of the 
thermal decomposition of cadmium carbonate are satisfactorily 
described by Eqs. (5), (2), and (6), and that the rate constants 
and activation energies calculated with the aid of these equations 
have close values. 

And yet, judging by a set of numerous data, the Erofeev-Kolmo- 
sorov equation more frequently describes satisfactorily the kinetics 
of topochemical reactions at the various decomposition stages. 
It is for this reason that much attention has been paid here to 
this equation. 


CHAPTER 14 


Kinetics 
of Chemical Reactions 
in the Thermodynamics 
of Non-Equilibrium Processes 


We shall here consider briefly the application of methods used 
in the thermodynamics of non-equilibrium (irreversible) processes 
to chemical reactions. As is known, the ordinary formula of the 
second law of thermodynainics has the iorm 


dS = 6Q/T (14.1) 


where S is the entropy of the system, 6Q is the heat absorbed by 
the system, and 7 is the temperature. The equality sign refers to 
equilibrium processes, which constitute the only subject studied 
in the courses of ordinary thermodynamics. The “greater than” 
sign characterizes a spontaneous non-equilibrium process and is 
commonly used only as a criterion of the direction of spontaneous 
processes. For the case of inequality Clausius proposed a different 
manner of writing the second law, using the relation 


dS — 6Q/T = 6Q'/T (14.2) 


to define a certain quantity 5Q’ called the uncompensated heat by 
Clausius. It should be admitted that this term is not quite ade- 
quate since this is not the heat actually absorbed or evolved by 
the system but the heat that would have been absorbed in an 
equilibrium process in addition to the non-equilibrium amount 6Q 
in order to restore the cquilibrium (14.1). On the basis ol 
Eq. (14.2) we can write the second law in the following most 
general form: 

dS = 6Q/T + 6Q’/T (14.3) 


From these relations it must be clear that for equilibrium proces- 
ses 6Q’ = 0, and for non-equilibrium processes 

dQ’ >0 (14.4) 
In other words, 6Q” is always positive and appears as if inside 


the system as a result of non-equilibrium processes leading to its 
irreversible change. 
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The physical significance of the uncompensated heat 6Q’ will 
become clearer if the total change of the entropy of the system is 
split into two components: 


dS =deS + d;S (14.5) 


where d.S, the external change of the entropy, is associated with 
the equilibrium absorption of heat from outside, and dS is the 
internal change of the entropy caused by non-equilibrium pro- 
cesses taking place inside the system. Comparing Eqs. (14.3) and 
(14.5), we may write: 
deS = 6Q/T (14.6) 
d;S = 6Q’/T (14.7) 


The last relation connects the uncompensated heat with the 
so-called entropy appearance (d;S) in the system due to the non- 
equilibrium processes occurring in it. 

Relations (14.4) and (14.7) should be understood in the sense 
that any non-equilibrium process in the system (for example, the 
mixing of gases, spontaneous release of the compressed spring, 
etc.) increases the randomness, or disorder, of the molecular staie 
of the system, leading to a greater chaos or “mixtupness” oi the 
system. A quantitative manifestation of this increased disorder 
is the increase of the thermodynamic probability of the state olf 
the system and, hence, the increase of the entropy of the system. 
Thus, the uncompensated heat, which is the basic quantity in non- 
equilibrium (or irreversible) thermodynatnics, is equal, according 
to Eq. (14.7), to the appearance of entropy multiplied by tem- 
perature (7d;S). 

Non-equilibrium processes, in contrast to equilibrium processes, 
proceed at a finite rate: their study is essentially within the scope 
of kinetics. both physical and chemical. Therclore, in considering 
such processes we introduce the time, a parameter that is com- 
pletely left out in ordinary equilibrium thermodynamics. Thus. it 
the entropy d;S arises during the time d/. then we speak of the 
rate of appearance of entropy: 


o = d;S/dt > 0 (14.8) 


It is exactly the values of o that we are going to calculate now. 
For an isolated system (U = constant, V = constant) the total 
change of the entropy of the system is equal to the internal en- 
tropy change, 1.e., 
dS, p=d S20 (1.9) 
On the hasis of the combined formula of the first and second 
laws of thermodynamics 


6Q = dU + pdV¥ =TdS—8Q (12.1) 
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it is easy to show the relation between 6Q’ ana, hence, dS, 
and the changes of other thermodynamic functions. Namely, 
6Q’ =Td,;S = — dU,, y = — dH. p= —dFr.y = —dGr, p, where 
the subscripts S, V; S, P, etc., signify the constancy of data on 
the given thermodynamic properties of the system. 

Turning to the kinetics proper, we write the equation of a hypo- 
thetical general chemical reaction in a general form: 


v By +v,By+ ... ToT vB + vyByt ... (14.11) 


where vs are stoichiometric coefficients, and B,s are the symbols 


for the substances—the participants of the reaction. Suppose that 
the reaction proceeded from Ieft to right, so that the number of 
moles of substances B; changed by dn;. Let us determine tie 
change of the chemical variable ¢ with the aid of the relation 

di =dn,/v, (14.12) 


indicating the “completeness” of the occurrence of the reaction. 
[f AE — 1, the reaction is said “to have accomplished one run”. 

In 1922 de Donder introduced the following definition of chem- 
ical affinity A in terms of the Clausius uncompensated heat: 


5Q’ =Adz>0 (14.13) 


As before, the equality sign corresponds to equilibrium, and the 
“oreater than’ sign corresponds to the spontaneous, i.¢c., non- 
equilibrium, course of the reaction. As a whole, relation (14.12) 
is called the de Donder inequality. It can however be shown thst 
the definition (14.13) is not so much different from the classical 
definitions of chemical affinity. Thus, using relation (14.11) and 
also the definition of the standard chemical potential of a s:>- 
stance y of a mixture according to Gibbs, py == (dG/bny)p. 7. , we 
can write the following relation | 
A=—(0G/I02), p=— Dd. (vytty) (14.04) 


Van’t Hoff and Helmholtz had earlier adopted, as a measure 
of chemical alfinity (for exaniple, at constant pressure and coii- 
stant temperature), the maximum uselul work corresponding to 
one run of the reaction (A§ = 1). This work equals the loss in G 
(i.c., —AGr, p) found on the condition that the chemical potentials 
are constant. The de Donder alfinity differs from the classical 
affinity in approximately the same manner as the true reaction rate 
(the derivative) differs from the average rate (the differcice 
quotient). Further we introduce the time factor and determine the 
reaction rate in the entire svstem according to de Donder (1937): 


Wn p= db&/dt (14.15) 


It should be noted that this definition of the reaction rate differs 
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from the definitions commonly used in kinetics fie, (1.4) or 
(1.5)] also by permitting both positive and negative values for 
the rate. Now, on the basis of Eqs. (14.13) and (14.15), we can 


write 
dQ'/dt = A (dé/dt) = Aw >0 (14.16) 


and derive the following general conclusions as to the relation 
between affinity and rate: (1) if A > 0, then w > 0; (2) if A < 9, 
then w < QO; (3) if A = 0, then w = 0. 

Thus, with positive affinity the rate is cither positive, which 
means that the reaction considered proceeds froin left to right at 
a finite rate, or w = O and the reaction ts kinetically retarded but 
may proceed in the indicated direction in the presence of a suit- 
able catalyst. In the second case (A <Q) the reaction takes 
place with a finite velocity from right to left or is again kinetically 
retarded (w = Q); the latter case evidently corresponds to equi- 
librium and cannot include the relation A = 0, w ~ O, Le., a finite 
rate at equilibrium. 

Taking cognizance of Eq. (14.16) and also of Eq. (14.7), we 
can write 

T (d,S/dt) = To .j94,, = Aw > 0 (14.17) 


chem 


Here use is made of the earlier introduced (14.8) concept and 
notation—the rate of appearance of entropy (d;S/dt = ochem) 
in the system. The subscript “chem” poinis to the cause of the 
appearance of entropy—the only non-equilibrium process in this 
case is a chemical reaction. Expression (14.17) is represented in 
the form which is generally typical for the thermodynamics of non- 
equilibrium processes, namely: the rate of appearance of entropy 
multiplied by the absolute temperature (To) is equal to the pro- 
duct of a certain generalized force (A) by the generalized flux 
caused by it (w). 

In the subsequent treatment we shall deal with the rate of 
appearance of entropy in unit volume of the system, retaining the 
former symbol o, which referred earlier to the system as a whole, 
and adding only the subscript V. In the simplest case of a homo- 
geneous system oy = (1/V) (diS/di). If the only non-equilibrium 
process that takes place in the system is a chemical reaction, 
then, according to Eq. (14.17), we can write: 


Oy (chem) — A (w,,/T) z= 0 (14.18) 


where A is the affinity of the given reaction and wy is the rate 
per unit volume, i.e., wy = (1/V) d&/dt if § is a chemical variable, 
and V is the volume of the system. However, there may simul- 
taneously occur several, say r, reactions. Then expression (14.18) 
should be generalized: 
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SV (chem) =», (A,wy /T)>0 (14.19) 
r 


where the sum is extended over all reactions. 
The most remarkable feature of inequality (14.19) is that the 
sum A,wy, must be positive for all reactions. At the same time, 


the separate terms of the sum, say A,wy,, may be negative as well 
provided that the sum of the remaining terms is large enough to 
provide the conditions (14.19). In this way there arises the idea 
of the possible connection between the fluxes. In chemistry, this 
manifests itself in the phenomenon of induced or coupled reactions 
which proceed with a negative affinity, i.e, under the conditions 
of the constancy of T and P—with increasing Gibbs free energy. 
Thus, for instance, the synthesis of urea from carbon dioxide and 
ammonia (A < 0) takes place in the organism due to the break- 
down of glucose (A > 0) in the liver. 

Other non-equilibrium processes, i.e., those occurring at a finite 
velocity, say, heat transfer, diffusion, etc., could be treated in an 
analogous manner. Here, according to the second law of thermo- 
dynamics, the rate of entropy appearance in general is 


5,20 (14.20) 


This law, however, does not require that each term in os be posi- 
tive. The coupling of non-equilibrium processes may lead to the 
appearance of negative terms in the sum, i.e., to phenomena that 
create situations of opposite direction as compared with those 
characteristic of a given isolated phenomenon. Thus, generally 
speaking, the concentration gradient must be equilibrated, but 
during the coupling of non-equilibrium processes the concentra- 
tion gradients may be developed. 

Let us designate the affinity or the generalized forces by X;j, 
and the fluxes by J; Then, Eq. (14.19) assumes the following 
general form: 


To, =), 1;X;>0 (14.21) 
t 


The possibilities of thermodynamics are, properly speaking, 
exhausted by writing this equation. The further use of Eq. (14.21) 
is connected with the assumptions as to the character of the de- 
pendence of fluxes on acting forces, these assumptions lying 
beyond the scope of thermodynamics. The situation here resembles, 
to a certain extent, the situation observed in classical thermody- 
namics when quite exact equations following from general laws 
can be employed in practice in combination with any equation of 
state, say, PV = nRT. 

The sought-for relations J; = [(X;) are not known in a general 
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form. Therefore, one usually takes into account that at equilibrium 
there are no fluxes and the acting forces are equal to zero, and 
expands the function into a Maclaurin’s series; for example, 


yp 17 (0 
l=} (X)=1 +x, 0 4 LO) 4 - (14.22) 


L 

Here, in accordance with what has been said above, [(0)=0. 
If we agree on the study of a system at equilibrium in a state not 
too remote from the state of equilibrium (X; is small), we may 
limit ourselves to a linear term of the series. 

Further, we have to take account of the repeatedly mentioned 
possibility of existence olf constraints between the various fluxes 
and eventually postulate such a linear relation between the fluxes 
J; and the forces operating in the system: 


fl 
Ji= Do LipXe (14.23) 


= | 


Here the summation which expresses the dependence of J; for 
a given flux is carried out over all th. non-equilibrium processes. 
Relation (14.23) is usually called the Onsager equation (1931). 
In accordance with what has been said above, this equation holds 
for the so-called linear region of non-equilibrium thermodynamics, 
i.e., for systems, the states of which differ littie from equilibrium 
states. 

Another relation—the famous Onsager reciprocal theorem— 
states that within the range of validity of the linear approxima- 
tion the proportionality factors—the Onsager phenomenological 
coefficients Li,—must satisfy the symmetry condition * 


Lin =Lp; (14.24) 


There exist the proofs of the Onsager rule, which rely on the 
principle of microscopic reversibility and on the interpretation of 
the appearance and disappearance ol fluctuations by means of the 
tnethod of statistical mechanics (Prigogine, 1967). However, we 
cannot know a priort that all the cross coefficients Lig do really 
exist. In fact, the presence of effective constraints between twu 
non-equikbrium processes can be established only by means of 
experiments. But if the existence of a rclation between the given 
force X, and the flux J; is experimentally established, then, ac- 
cording to the Onsager relation, there will also exist the reverse 
relation—between the force X; and the flux Jz. 


* Apart from the Onsager phenomenological cocfficients defined here, which 
are characteristic of the most widespread forces of the a-type, the less frequent- 
ly encountered forces of the B-type are character'zed by the Kazimir coef fi- 
cients. ror these, relation (14.24) turns into the antisytumetric relation 
Liz = —Let. 
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On the other hand, there exists a criterion which enables us to 
decrease a priori the number of effective constraints. This is the 
Curie principle of symmetry. It states that a macroscopic phenom- 
enon in the system never has more elements of symmetry than 
the factor that has given rise to it. For example, the chemical 
affinity (which is a scalar) cannot cause a vectorial heat flux 
and the corresponding coupling factor disappears. What has been 
said corresponds to the following theorem: a constraint is pos- 
sible between phenomena having identical tensor symmetry. 
However, according to Glansdorf and Prigogine (1970), the re- 
quirement of symmetry with respect to the constraints between 
non-equilibrium processes becomes invalid in the so-called linear 
region, i.e., beyond the range of applicability of Eq. (14.23) when 
processes and constraints that disturb symmetry become possible. 
We shall here confine ourselves to the linear region. 

According to the experimental observations by Fourier, Fick, 
Ohm and others, each flux is proportional to the force coupled 
with it; the “direct” proportionality coefficient appearing here is 
denoted as Li;. All such direct proportionality coefficients reveal 
themselves on the diagonal of the force matrix of a series of 
equations (14.23). This equation, however, contains the statement 
that the flux J; can also be caused by the force X, if the cross 
coefficient Lj, (i 4 k) is different from zero. 

As a whole, the linear law is valid for sufficiently slow pro- 
cesses when the system is not too far from the state of equilibrium. 
However, the range of phenomena covered by the phenomenologi- 
cal equations is still very wide; it includes many processes studied 
by physics, chemistry, biology and physiology. 

To illustrate the applications of Eqs. (14.22) and (14.23), Ict 
us examine two simultaneous non-equilibrium processes, the phe- 
nomenological equation for which may be written as follows: 


J, HL X, + LyX (14.25) 
Jo =L 9X, +. Lo2X9 (14.26) 


If these processes are thermal conduction and diffusion, then the 
factor Liz is associated with thermodiffusion, i.e., with the mani- 
festation of a concentration gradient in an initially homogeneous 
gascous medium under the influence of a temperature gradient. 

Expression (14.22) for the rate of appearance of entropy, which 
corresponds to the two processes, has the form 


Og = TO! {Ly XT + (Ly + Loy) X XQ + Ly X53} > 0 (14.27) 

The inequality (14.27) can be satisfied, in a general case, with 
the foliowing values of the phenomenological coefficients: 

Li>0, Loe>O (14.28) 
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and 
(Lio + Loy)? < 4L i Loe (14.29) 


Thus, the “direct” coefficients are positive and the cross coeffi- 
cients Lig and Lo, may be either positive or negative, and their 
absolute value is limited by relation (14.29). All this corresponds 
to experimental data, according to which coefficients of the type 
of heat conductivity and electrical conductivity are always po- 
sitive, while thermodiffusion coefficients, for example, have no 
definite sign. 

Of special interest to us is the question of the applicability of 
linear phenomenological laws in chemical kinetics. We_ shall 
write an elementary reaction in a general form: 


R 4 ft | ae 
vB, + voBo+ ... ~~ vB, +v)B +... 


where k and &’ are the rate constants of the forward and reverse 
reactions. Let us denote the molar concentrations and _ stoichio- 
inetric coefficients of all the participants of the reaction by the 
symbols c, and v,; the corresponding quantities for the reactanis 
are c; and v;, and those for the products, cj; and v;. Thus, for 
example, we may write the following relationships: 


LD’ =I] ¢? /Tl c;! (14.30) 
V / i 


Further, proceeding from the basic law of kinetics, we write the 


reaction rate: 
V; ’ > \) 
wy =k Pe! kT] ei! =o (1—a TT ey") (14.31) 
t J Y 


where = k[] c¥ is the rate of the forward reaction and \ = 


= k’/k. Now, using the vant Hoff isotherm equation, we write 
the affinity of the reaction: 


A=— D> vp. = RT In (*-/II ”) (14.32) 
Y y 


Here, obviously, 
RT In K,=— )) vine (14.33) 
v 


if wy s are the chemical potentials in the standard state, which 
are dependent only on temperature for ideal-gas mixtures and, 
in addition, on pressure for ideal solutions. 

Introducing now the affinity A from Eq. (14.32) into the rate 
equation, we obtain a general relation between reaction rate and 
affinity for ideal-gas mixtures and dilute solutions, which holds 
for any non-equilibrium state: 


wy = w [1 — AK, exp (— (A/RT)] (14.34) 
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However, on the condition of equilibrium wy =O and A = J, 
from Eq. (14.34) it is easy to see that k/ki = 1/A = Ke, and the 
rate equation assumes the form 


wy, =o [I — exp (— A/RT)] (14.35) 


which is also valid for any non-equilibrium state. The exponential 
function may be expanded into a Taylor Series: 
_ “ART we (SY a (4) : 
i—e rT arr) Sarl\er) to (14.56) 
If the reacting system approaches the state of equilibrium and 
the affinity is small, so that 
[|A/RT| <1 (14.37) 
we may retain only the first term in the serics and write the re- 
action rate in the form 
> 
Wy, = Wy (A/RT) (14.38) 
Here, since in the Taylor series we retained only the first term, 
which is valid for small values of affinity, it then follows that the 
-> 
reaction rate Wo too refers to a point close to w = 0, A = Q, i.e, 
> 
to the state of equilibrium, which is why it is labeled wo. In other 
> 
words, Wo is the rate of the forward reaction at equilibrium, ie., 
> ; 4 . . 
ily = R [Le where ¢,s are the equilibrium concentrations of tlie 
t 


reactants. 
Thus, instead of Eq. (14.35), we obtain the relation 


> 
wy = (wf RT)A=LA (1-14.39) 


which may be regarded as a phenomenological law of the type 
(14.23), which is valid in this particular case lor ideal-gas sys- 
tems and in infinitely dilute solutions under the conditions close 
to equilibrium. The phenomenological coelficient is defined in this 
case by the relation 


> 
L = (wWo/RT) (14.40) 


From the forcgoing it must be clear that the coefficient L is in- 
variably positive, depends on temperature, on the amount and 
activity of the catalyst, and is determined by the equilibrium con- 


> 
centrations ¢; of the reactants since these determine the rate wy. 


> 
It should be emphasized once again that w differs from the overall 
rate wy (14.31), which is dependent on the instantaneous values 
of the concentrations of all the participants of the reaction. 

Thus, it seems as if we obtained the condition of the applicabi- 


412 Ch. 14. Reactions in Non-Equilibrium Thermodynamics 


lity of the linear phenomenological law to chemical reactions—- 
the closeness of the system to the state of equilibrium. This, of 
course, would have restricted the applicability of non-equilibrium 
thermodynamics to chemical reactions. However, as will be shown 
below, the situation will not be so hopeless if the reaction can be 
represented as proceeding in several elementary steps. 

But let us first consider the other extreme case, namelwu 


A/RT ——> © (14.41) 


Then the exponential function B (14.25) turns to zero and wy= wo, 
i.e., the reaction rate is no longer dependent on affinity. It mav be 
said that this corresponds to the effect of saturation with respect 
to the affinity, and in the region where this effect is tnanifested, 
the rate of appearance of entropy becomes a linear function of 
affinity in conformity with Eqs. (14.17) and (14.18). 

Let us now discuss the occurrence of several reactions in a 
single phase. Here, as it turns out, two cases should be distin- 
guished. In the first, the number of elementary reactions is equal 
to the number of linearly independent reactions. Then, relations 
(14.38) and (14.39) may be written for each elementary reaction, 
and for each of them there can be found unambiguous valtics of 
the quantities w, k, k’, A and K. with the appropriate subscripts. 
In this simpler case there arises no coupling between the reactions. 

In the second case, the number of elementary reactions is larger 
than the number of linearly independent reactions so that formally 
soine of the reaction equations can be obtained by way of a linear 
combination of the other equations. Then, as it turns out, the re- 


> 
lations k/kj = K. and w = w (1 — e~*/"7) cannot be derived trom 
the basic kinetic law and the thermodynamic equilibrium condi- 
tions alone. In this case there arises a connection between the 
reactions. 

Let us return to the first case and consider first two consecutive 
reactions, represented by linearly independent equations and, 
hence, not interconnected; these reactions are the clementary pro- 
cesses as well: (1) BC, (2) C= D. These mav be, for example, 
the isomerization reactions: o-xylene = m-xylene, and m-xylene= 
= p-xylene. Both these reactions are really reversible, have been 
studied in a dilute solution of xylene in toluene in the presence of 
AICl; and TICl. No direct conversion of o-xvlene to p-xylene and 
vice versa takes place. Therefore, linear combinations are ex- 
cluded. 

Under conditions close to equilibrium we may first write the 
following relations for these reactions: 


[Ai/RT| <1, | A2/RT| <1 (14.42) 
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and, second, the phenomenological laws 
Wy~==LyA,, wWe=LoeA, (14.43) 


Here the direct phenomenological coefficients 


> > 
Li; = Wot /RT and Leo = Wo2/RT (14.44) 


> > 
contain the quantities wo, and Wyz, ie., the rates of the forward 
elementary reactions B==C and C=D at equilibrium. When 
considering relations (14.44) one may notice that the cross co- 
efficients are equal to zero, ie., Ljg = Loy = 0 and no connection 
between reactions | and 2 is present. The situation, however, is 
changed if we assume the possibility of the direct conversion 
B =D. 
We shall now consider, in a similar manner, a sequence of con- 
secutive reactions according to Prigogine: 


(1) BU. C 
(2) C =~ D 
(r) X To Y 


Assuming that the following conditions 
\A/RT|<X1 (i=1,2,..., 7) (14.45) 


are satisfied, we write phenomenological laws of the type (14.38): 


Wy, ,=L,A, (=123..., 7) (14.46) 


t 
corresponding to the general linear relations provided that the 
reactions are not interconnected, i.c., when Lj; = 0 for i = j. 

An interesting result can be obtained if the separate elementary 
reactions 1, 2, r are not considered. For example, they may he 
unknown. Then, for the conversion B==Y we may introduce the 
total affinity A and the rate wy. As can easily be seen from the 
definition of the affinity of reaction i 


A=— DY iby (l4itry 
Y 


the total affinity is equal to the sum of A; for the elementary re- 
actions: 


A=A,;+Ao+ ... +4, (14.48) 
If the intermediates C, D... X are unstable, say, are free radicals 


and atoms, then, according to the quasi-steady-state method, we 
may write: 


Wy, = Wyo = +. SF Wy, = Wy (14.49) 


where wy is the observed reaction rate. 
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From relations (14.46) and (14.49) we obtain wy = Ly,A,; = 


= LoAg =...= LAr. Now from Eq. (14.48) it follows that 
A=A,+A Ar = vo» So 
=Ai+Aot ... + =jt+74 <i + ore +7t =e) z- 
l 
If we introduce the notation » (/L;;) = 1/L, then we can write 
Wy =LA (14.59) 


Thus, the measured overall reaction rate wy is found to be pro- 
portional to the affinity A of the overall reaction B=Y; here it 
is essential that the relation | A/RT < 1 may be left unfulfilled if 
only the conditions (14.45), |Ai/RT| <1, are valid. It turns 
out in practice that quite a number of reactions, including cata- 
lytic reactions, which proceed by a complicated mechanism salis- 
factorily obey the law (14.50). 

As an example, we shall give the catalytic dehydrogenation of 
cyclohexane or the hydrogenation of benzene in a gaseous me- 
dium: 

CoHig To CoH + 3He 


a, 


which has been studied by Prigogine, Outer and Herbo. The ca- 
talyst used has the following composition: 50 mol.% Ni, 
25 mol. % ZnO, 25 mol. % Cre2Q3; the initial pressures in the ex- 
periments were identical and the temperatures varied from 500 
to 582 K. It was found that the reaction rate (g/hr) is linearly 
dependent on the ratio A/R in the ranges studied (from —1000 
to +600 K). Thus, the linear law is fulfilled within the range of 
A/RT from —2 to +1, which confirms what has been said above. 
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